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PREFACE TO SECOND EDITION 


Since the first edition of Potentiometric Titrations was pub¬ 
lished, there has appeared a great number of contributions on 
the application of this special method of volumetric analysis. 
It may be inferred from all of the work that has been done, that 
potentiometric titrations are frequently applied in routine 
analysis in industrial laboratories; they are no longer merely a 
subject of theoretical or academic interest, but have found 
their way into the practical laboratory. In the last few years 
a vast number of papers has been published on the technique 
of potentiometric titrations, and upon their application to 
special reactions. Accordingly, the new edition of this book 
had to be extended very considerably; parts had to be rewritten, 
and other parts extended. In order to limit the scope of the 
book, the theoretical part has been shortened. The first 
three chapters of the first edition (principles of precipitation 
and neutralization reactions, oxidation and reduction reactions 
and their equilibirium constants) have been omitted. The 
authors felt justified in doing this because in Volumetric Analysis 
I (I. M. Kolthoff, translated by N. Howell Furman, John 
Wiley & Sons, Inc., 1928) the first three chapters give essen¬ 
tially the same material, and the reader is referred to that vol¬ 
ume. The theory underlying potentiometric titrations is in 
many respects the same as that of ordinary titrations, and it 
is therefore distinctly advantageous to centralize the mutual 
theoretical principles in a general outline of volumetric analysis. 

Instead of the original first three chapters a new chapter 
has been written as a general introduction, in which electrode 
potentials and the principles of potentiometric titration have 
been discussed. This outline has been given in as condensed a 
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form as possible; in view of the practical significance of poten- 
tiometric titrations the authors did not feel justified in giving 
a discussion of the activity coefficients of ions, although this 
subject is of extreme importance in the exact measurement of 
ion activities. 

In Part II the recent additions to the technique of potenti- 
ometric titrations have been discussed extensively. Within the 
last few years numerous papers have been published in which 
existing methods have been extended or new reagents have 
been introduced. Of the latter, especial mention should be 
made of chromous chloride as a reducing agent and of ceric 
sulphate as an oxidizing agent. A complete account of the 
existing methods of potentiometric analysis has been given in 
Part III. Finally in Part IV of this treatise the authors have 
endeavored to cover the complete literature on the practical 
applications of potentiometric titrations. 

Since “Potentiometry” has proved to be a subject of extreme 
practical and theoretical interest, the hope is here expressed 
that all institutions of higher education will introduce a con¬ 
densed course in this field in order to offer to all students the 
possibility of becoming acquainted with it, and to enable them 
to profit more in their subsequent years from such training than 
has been possible in the past. 
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Electrometric titrations may be divided into two classes: 

a. Conductometric Titrations, in which the end-point is 
detected by measuring the change of electrical conductance 
during the titration and plotting the value thus obtained on a 
graph. For details the reader is referred to the monograph of 
I. M. Kolthoff, ^‘Die Konduktometrischen Titrationen,” pub¬ 
lished by Th. Steinkopf, Dresden, 1923, and Ind. Eng. Chem. 
Analyt. Ed. 2, 255 (1930). 

h. Potentiometric Titrations, in which the end-point is 
detected by measuring the change in potential of a suitable 
electrode during the titration. 

There is a very great difference between the principles upon 
which the two methods are based, and therefore it is not entirely 
correct to refer to either of the two methods by the general 
name electrometric titration,” as is often done. In order to 
avoid confusion, the authors hope that in the future the names 
‘‘potentiometric” and “conductometric” titrations will be 
generally adopted. In this book they will discuss only poten¬ 
tiometric titrations. 

It is their intention to attempt to make the theoretical con¬ 
siderations as general as possible. Therefore all oxidation- 
reduction reactions have been discussed on a common basis 
with other reactions so that one may work with them from the 
standpoint of the law of mass action. The advantage thereby 
gained is that all of the equations are of importance not only for 
potentiometric systems, but are also of equal value for ordinary 
titrations. For this reason a full treatment of reaction constants 
and of the change of ion concentrations in the vicinity of the 
equivalence-point (usually called, incorrectly, the end-point) 

▼ii 
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is given in the first three chapters. If we know the sensitivity 
of an indicator for any special ion which is under consideration, 
it is very easy to calculate the accuracy of the titration—or the 
titration error—in any case. 

In Chapters IV and V the authors apply the material of the 
preceding chapters to potentiometric titrations. The reader 
will also find there a mathematical discussion of the change of 
the ion exponent and electrode potential in the neighborhood of 
the equivalence-point. The authors are indebted to Dr. A. L. 
Th. Moesveld of the vanT Hoff Laboratory, Utrecht (Holland), 
for his aid in the derivation of these equations. They wish to 
emphasize the fact that the mathematical discussion is of more 
theoretical than practical importance. They have considered 
it of importance to develop the mathematical side of the ques¬ 
tion in the interest of clearer imderstanding of what occurs near 
the end-point, and also for the exact calculation of the titration 
error. 

Part II, which deals with practical applications, is divided 
into two parts: 

The first part contains a general description of the technique 
of potentiometric titrations. The authors are indebted for 
many valuable details to the excellent book, ‘‘The Determina¬ 
tion of Hydrogen Ions,” by W. M. Clark (Baltimore, 1922), 
and to “Die Elektrometrische Massanalyse,” by Erich Muller 
(2nd Ed., Steinkopf, Dresden, 1923). 

In the chapters dealing with special determinations, the 
authors have described the reactions to which the potentiometric 
method is applicable. Especial attention is called to the gen¬ 
eral part, which treats the following topics: the electrode 
material; characteristics of electrodes; influence of foreign sub¬ 
stances, and of temperature, on the titration curve. 

For minute details the reader is referred to the original 
literature concerning potentiometric titrations. The authors 
have attempted to make full acknowledgment of the use of this 
literature. They will be glad to have their attention called to 
any gaps in their list of literature references. 
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They hope they have shown in this book that analytical 
chemistry is not merely an empirical branch of the subject, 
rendering servile assistance to the whole, but that it is rather a 
science in itself, for the rational development of which a thorough 
understanding of physico-chemical principles is necessary. 
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POTENTIOMETRIC TITRATIONS 

Part I 

FUNDAMENTAL PRINCIPLES 


CHAPTER I 


GENERAL INTRODUCTION 


1. Electrode Potentials.—If the reaction taking place at a 
metal electrode is represented by: 

t 

M + we, 


in which nQ gives the number of electrons reacting, then accord¬ 
ing to the equation of Nemst the potential difference, E, between 
a metal electrode and a solution containing the ions which the 
electrode can send into the solution, is given by the equation: 


E 


RT, P 
nF p 


. . ( 1 ) 


XI 


where R is the gas constant, T the absolute temperatmre, n the 
number of electrons reacting, F the charge on one gram equiva¬ 
lent of an ion (one Faraday = 96,540 coulombs); In is the natural 
logarithm. P is a constant for any given electrode and is often 
called the electrolytic solution tension, whereas ^ is the osmotic 
pressure of the ions which are active in the electrode reaction. 


* We use a sign opposite to that of the original Nemst equation. 
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p is proportional to the ion concentration, or better, to the 
activity of the ions; therefore we can write: 


or better 


p = ciK, 


p = ycjK!^ 


where a represents the ion concentration, y the activity coeffi¬ 
cient, and yCi the activity a of the ion. 

Further, we may introduce in equation (1) the known values 
for R and F and convert the natural logarithm into the decadic. 
Then we obtain: 


or 


0.0001983 T, P 

£ =---log 7^, 

n CiK. 


_ 0.0501 + 0.0002(/ - 25), P' 

E --- log — 

n Cl 


= Co + 


0.0591 + 0.0002(< - 25) 
n 


log Cl 


0.0591 + 0.0002 (/ - 25) 

= Co--- pi. (2) 

n 


Pi represents the ion exponent, which is the negative logarithm 
of the ion concentration, t is temperature Centigrade. 

The equation in the above form Is not quite correct, as 
instead of the concentration of an ion its activity should be 
written: 


E « 80 + 


0.0591 + 0.0002~ 25), 
---log yCl 


®= eo — 


0.0591 + 0.0002(/ - 25) 


represents the negative logarithm of the activity of the 
ion. In this book, for simplicity, concentrations will be written 
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instead of activities, because this difference is not usually very 
significant in potentiometric titrations, and besides, the use of 
concentrations avoids complications when we work in solutions 
of large ionic strength, in which the individual activity coeffi¬ 
cients of the ions are not accurately known. Still, one should 
Always bear in mind that in all cases the activities of the com¬ 
ponents which take part in the electrode reactions determine the 
potential differences, and not the respective concentrations. This 
generalization holds for all kinds of electrode potentials. 

Upon considering equation (2) we see that there is a simple 
relation between the potential of an electrode and the corre¬ 
sponding ion concentration in a solution. 

If we wish to know the silver-ion concentration of a solution 
(or better, the activity of the silver ion) a silver electrode may be 
dipped into the solution and the potential difference between the 
metal and its solution can be measured. Theoretically this 
procedure is sound; practically, however, it is impossible to 
measure a single potential in any simple way, or with any degree 
of accuracy. 

The unknown half-cell is therefore combined with another 


half-cell, and the E.M.F. of the 
cell thus formed is measured. In 
our example we could use as known 

half-cell a silver electrode dipping _ __ ^ ^ 

into a solution of known silver-ion 
concentration. The E.M.F. of 

such a cell is equal to the differ- U 

ence between the two single poten- '-j- ' ^^ 

tial differences between the two Fio. l.-Concentration ceU. 
silver electrodes and their respec¬ 
tive solutions. At the boundaries between the salt bridge 
(making electrolytic contact between the two half-cells, cf. Fig. 1) 
and the two solutions, liquid junction potentials arise; as a 
rule their magnitude is very small and may be neglected in 
potentiometric titration work, since they do not change much 
during the course of a titration. Then it is found that the elec¬ 
tromotive force, E.M.F., of the cell is: 



4 


GENERAL INTRODUCTION 


^ . 0.0591, f. 

E.M.F. = El — Ea s» 80 -I-— log [Agi+] — eo 

0.0591, ,, 

- — log [Ag 2 +] 

= 0.0591 log^^j = 0.0591 (/.A., - ^a„)(25») (3) 

(or better, 

E.M.F. = 0.0591 log^, at 25°). 

^Agj 

Therefore we see that the E.M.F. of such a cell depends only 
upon the logarithm of the ratio of the ion concentrations (ion 
activities) in the two half cells; such a cell is therefore called a 
concentration cell. 

In case the silver-ion concentration in the reference half-cell 
is equal to 1, its logarithm is zero, and instead of (3) we find: 

E.M.F. = 0.0591 

Therefore we see, if we want to measure an ion concentration 
(activity), and the E.M.F., tt, of the unknown is measured against 
a half-cell in which the electrode is placed in a solution the ion 
concentration (activity) of which is 1 , that: 


pi 


•K 

a0591 


(25^). 


Such a half-cell in which the activity of the ions which determine 
the potential is 1 is called the normal electrode of the particular 
metal. 

For several reasons such a normal electrode is not used as a 
reference electrode in practical work. Instead of it we use some 
constant half-cell (usually some kind of calomel electrode; cf. 
p. 79) whose potential does not alter when it is kept for a long 
period of time at constant temperature. 

If such a standard half-cell has an E.M.F. of wo against the 
normal electrode of the particular element, and if the E.M.F. 
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of the constant half-cell against the unknown is it can readily 
be shown that: 


or in general, 


V — TO 

“ 0.0591 


(25°; n 


1 ) 


Pi - 


T — TO 

n X 0.0591 


( 4 ) 


It should be mentioned that by international agreement normal 
potentials are always referred to the normal hydrogen electrode; 
i.e., the hydrogen electrode under a pressure of 760 mm. of 
hydrogen in a solution having an activity of hydrogen ions equal 
to 1 . By convention the normal hydrogen electrode is therefore 
considered as the zero electrode. 

A metal electrode may often be used for the measurement of 
the activity of anions if the metal forms a slightly soluble salt 
with the particular anion in question. A silver electrode, for 
example, may be used for the measurement of halide-ion concen¬ 
trations. The corresponding silver salt is added to the halide 
solution, and the potential of the silver electrode is measured 
against some constant half-cell. If a chloride solution is sat¬ 
urated with silver chloride. 


[Ag+] = 


SaiCT 

[Cl-]’ 


SAga being the solubility product of silver chloride. 

The potential of the silver electrode is: 

E - 80 -h 0.0591 log [Ag+] = 8 o' - 0.0591 log [Cl-j. 

Therefore the electrode functions as a chloride-ion electrode. 
In some cases an anion concentration can be measured with a 
corresponding metalloid electrode, if the electrode reaction is 
reversible. A platinum electrode in a solution containing 
iodine and iodide behaves as an iodide electrode: 
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If the solution is saturated with respect to iodine, [I 2 ] is constant, 
and we find: 


E = 80 '- 0.0591 log [I-] (25°). 


All of the cases which we have discussed are special examples of 
oxidation-reduction reactions.* In general we may write for the 
oxidation-reduction potential of a system: Ox -f « © Red, 


or better, 


E = 80 -1- 


0.0591, 

-log 

n 


[Ox] 

[Red] 


(25°) 


E 


0.0591, Oox 

80 -1 -log- 

fl ^Red 


(25°). 


( 5 ) 


where a represents the corresponding activity. If other ions, 
such as hydrogen ions, take part in the electrode reaction, 
their concentration (or activity) also governs the electrode 
potential, according to the reaction scheme. 

A metal electrode may be considered as a special oxida¬ 
tion-reduction system in which the concentration of the 
reduced form (the metal) is constant. 

2. The Theory of Potentiometric and Ordinary Titrations.— 
The theory underlying potentiometric titrations resembles that 
of ordinary titrations very closely, as there is a simple linear 
relation between the potential of an electrode and the ion 
exponent or the exponent of the ratio of oxidant to reductant 
in the oxidation-reduction system to be titrated. 

From equation (2) it may be inferred that for a unit change in 

pi the electrode potential changes volt (25°), if n is the 

n 


* L. Michaelis has proposed the use of the name “redox S 3 ^tem^^ for a mixture 
containing the oxidized and reduced forms of a definite compound. Following 
his nomenclature, we may define in a redox system, Ox -|- «0 Red, 


and 


[Ox] 

[Red] 


redox ratio; 


—log 


[Ox] 

[Red] 


^Ox exponent; 


and the potential of the redox system is called the redox potentials 
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number of electrons shown in the electrode equation. Therefore 
the variation of pi during a titration and of the potential of an 
electrode can be represented on the same graph if the parameter 

is so chosen that one unit in pi corresponds to volt. 

n 

Similarly the oxidation-reduction potential of any system changes 


.. - volt (equation 5) when the ratio of the concentration 

n 

of oxidant to reductant changes ten times or the oxidation- 
reduction exponent changes one unit. 

Therefore the change of potential of a suitable electrode 
during a titration is a direct indication of the variation of the ion 


exponent or oxidation-reduction exponent (pc^ = — log 

\ Rid Red/ 

in the system. The relative change of the potential is exactly 
the same as that of the ion- or oxidation-reduction exponent. 
Therefore a suitable electrode fimctions as a specific indicator for 
the ion or oxidation-reduction system that is to be titrated. 

In a potentiometric titration we are not interested in the 


absolute values of the ion- or oxidation-reduction exponents, 
but only in their changes. Therefore the values of the E.M.F. 
measured against some standard half-cell during the titration 
may be plotted against the volume of reagent in order to con¬ 
struct the titration curve. 

The main purpose of a potentiometric titration is to deter¬ 
mine the location of the equivalence-point. In general we may 
proceed in either of two ways (a more detailed discussion is given 
in Chapters II and VI): 

(a) From the measured change in potential just before and 
after the equivalence-point we may compute where the variation 


in rate of change of E.M.F. has a maximum value 



or where 


the second derivative of this value is zero. This point coincides 
with the equivalence-point, (or lies in its immediate neighbor¬ 
hood; cf. Chapter II). 

A large jump in potential at the equivalence-point indicates a 
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corresponding change of the ion- or oxidation-reduction exponent. 
Whenever a large jump in potential occurs, a suitable indi¬ 
cator in ordinary titrations will give a sharp color change. 

(b) If the potential of the electrode, measured against some 
standard half-cell, is known at the equivalence-point, reagent 
is added to the solution until this “ equivalence-potential ” 
has been reached. It should be remembered that this value of 
the equivalence-potential depends more or less upon the ionic 
strength of the solution, since the activities of the components, 
and not their concentrations, determine the electrode potential. 
Therefore it is not possible to give, for a special reaction, a def¬ 
inite equivalence-potential which will be constant under all con¬ 
ditions. 

Titrations to the equivalence-potential can be compared 
with an ordinary volumetric determination where reagent is 
added until the indicator has assumed a special color, i.e., the 
titration is continued imtil a special titration exponent (equiva¬ 
lence-potential) has been reached. 

From the foregoing it is evident that there is an intimate 
relation between the theory of ordinary and potentiometric 
titrations. 

In Volumetric Analysis I * a detailed discussion has been given 
in the first three chapters of the prmciples of quantitative pre¬ 
cipitations, complex formations, neutralizations, and oxidation- 
reduction reactions. The authors do not feel justified in offering 
the same review in this treatise; in the next two chapters they 
discuss only particulars which are of special importance for poten¬ 
tiometric titrations. In order to avoid extensive repetitions in 
the next two chapters, references are made to equations derived 
and discussed in Volumetric Analysis I. 

* I. M. KoltboS, transl. by N. Howell Furman, John Wiley & Sons, Inc., 1928. 
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RELATION BETWEEN THE CHANGE OF THE ION CON¬ 
CENTRATIONS AND ELECTRODE POTENTIAL IN 
COMBINATION REACTIONS OF IONS 

1. Potential at the Equivalence-point in Precipitation Reac¬ 
tions. Equivalence-point Potential (Equivalence-potential).— 
When we have added an equivalent amount of precipitating 
reagent to the solution of an ion we have reached the equivalence- 
point, or the theoretical end-point, of the titration. TMs is not 
the same as the actual end-point, for the latter includes the titration 
error. For this reason the authors prefer the name “ equiv¬ 
alence-point ” rather than “end-point.” 

The electrode whose potential indicates the change in con¬ 
centration of the ion to be titrated is called the indicator"elec- 
trode. In the present work, the potential at the equivalence- 
point will be called the equivalence-point potential, Eb, or 
simply, the equivalence-potential. 

If we consider the general reaction: 

-4- yA"- ■:e± Pixky, 

we have, according to equations (25a) to (29o), in Voliunetric 


Analysis I, p. 13, at the equivalence-point: 

[B-+] = (25a) 

[A"-] = (26o) 

.(28a) 

.( 29 «) 

9 
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From the above and from equation (2), Chapter I, we find 
that the equivalence-potential Eeb of electrode B will be: 


Eeb 8ob + 


Eea = Boa 


= coA •+■ 


0.0591 
n{x -f y) 

0.0591 
nix -f y) 

0.0591 
m{x -t- y) 

0.0591 
mix y) 


logSs^* -fylog^^ 

pB-y\og^,. . (1) 

logSB,A» -(-a:log^) 


/>B 4-a:log-). . (2) 
y/ 


Examples, —If B+ and A~ are univalent, as is the case with 
the silver halides, then at the equivalence-point: 

0.0591 

-c-eb = Cob-^ jPs. 

_ 0.0591 

Eea ~ COA H-^- pQ> 

If B + is univalent, and A bivalent, as in the case of silver 
chromate, silver oxalate, etc., we have: 

Ebb = SOB - - log 2) = gob -f 0.006 - 

3 3 

Eba ~ ® 0 A H-g —ips + 2 log 2) = Goa 0.006 H- - Pb. 

If B is univalent and A is quadrivalent, as in case of silver 
ferrocyanide, we find: 

0.0591, , X _0.0591 

Ebb = Cob- -—ipB — log 4) = Gob + 0.007 -^— pa. 

Eba “= Coa + —^^(^8 -I- 4 log 4) * Goa + 0.007 -|-2o”^ 
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2. Change of the Ion Concentration, or Ion Exponent, and 
of the Electrode Potential, during a Precipitation Reaction.— 

Since we are considering the general course of the titration curve 
during a precipitation reaction, we assume for the sake of sim¬ 
plicity that the volume of the solution docs not change during 
the titration. This assximption does not introduce any appre¬ 
ciable error at the point where the rapid change in the ion con¬ 
centration takes place, i.c., at the equivalence-point. We shall 
start with the simplest case, that of the titration of one univalent 
ion with another. 

For example, let us titrate 0.1 N silver nitrate with chloride 
in such a way that the volume remains unchanged. Since the 
silver nitrate is a strong electrolyte, the silver-ion concentration 
is equal to 0.1 N, or p^g = 1, at the beginning of the titration. 
After the precipitation of 90 per cent of the silver as chloride, 
the silver nitrate concentration is 0.01 N; [Ag+] = 10“^, or 
pA^g = 2. By the precipitation of 90 per cent of the silver, pj^g 
has only increased by 1, and the potential of the silver electrode 
has therefore decreased by 59.1 millivolts. After the precipita¬ 
tion of 99 per cent of the silver: [Ag'*'] = lO"^, /^Ag = 3; for 
99.9 per cent of the silver, [Ag+] = 10"^, pj^g = 4. If we now 
add the last 0.1 per cent of chloride we have a saturated solution 
of silver chloride, where [Ag+] = \/S, or p^g = Ip^. 

Since SAga is about 10~^°, the [Ag+] in this saturated solu¬ 
tion is lO*”®, and p^^g = 5. It is easy to calculate the changes in 
[Ag*^], Paej and electrode potential, by successive additions 
of chloride in excess. The changes of ion concentration, ion 
exponent, and potential are represented in the following table. 
The potential values are referred to the original value in 0.1 
N solution. 

In Fig. 2, the change in pj^g, or in the potential, is plotted 
against the percentage of silver precipitated. The left-hand 
ordinate gives the pj^ values, while the right-hand one gives the 
corresponding change in the potential. For each change of 1 
in pj^ there is a change of 59.1 millivolts in the potential. The 
abscissas give the percentage of silver precipitated. The 
point where pj^g « is the equivalence-poin'i; the potential 
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Titration of 0.1 N Silver Nitrate with Chloride. SAgoi 


Per Cent Ag 
Precipitated 

lAg-^] 

pAg 

Eai 

0 

10 

1 

a 

90 

10"* 

2 

0-0.059 

99 

10"» 

3 

0-2X0.059 

99.9 

10 

4 

0-3X0.059 

100 

10-» 

5 

0-4X0.059 

Excess of Cl" 




Per Cent 




0.1 

10-« 

6 

0-5X0.059 

1 

10"7 

7 

0-6X0.059 

10 

10 "« 

8 

0-7X0.059 


10-10 


7 

66 

590 


66 

7 


here is E^,^. As we see from the curve and the table, there is a 
sudden jump in the potential at the equivalence-point. The 
greatest change in potential or in ion exponent upon the addi- 
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tion of a little silver nitrate, or chloride, occurs at this point. 
If we express the change of potential in millivolts as a function 
of the amoimt of reagent added, i.e., if we calculate the differ- 


AE 

ence quotient —, c being referred to 1 cc, of reagent, we find a 
Ac 


maximum value of — exactly at the equivalence-point. The 
Ac 

break,” or jump in the potential, and also the accuracy of 
the titration, are dependent upon the magnitude of this quotient. 
The larger it is, the more accurate the titration. 

AE . 

The magnitude of — is dependent upon the concentration 
Ac 

of the solution to be titrated, and upon the solubility product of 
the precipitate that is formed. The more concentrated the 
solution, and the smaller the solubility product, the greater is 

AE 

the jump in the potential, and in the value of —, at the equiv- 

Ac 

alence-point. 

In the following table are given the changes during the titra¬ 
tion of 0.01 N silver solution with chloride. It is not permissible 
to neglect the influence of solubility upon the total ion concentra¬ 
tion near the equivalence-point. The authors have calculated 
the correction, x, according to equation (12). (Volumetric 
Analysis I.) 


Titration op 0.01 N Silver Nitrate with Chloride. SAgci « 


Per Cent Ag 
Precipitated 

[Ag^] 

^Ag 

EAg 

0 

10 

2 

eoAg~l X0.059 

90 

10~> 

3 

eoAg~2 X0.059 

99 

10 

4 

eo.\g-3 X0.059 

99.9 

1.6X10-5 

4.80 

eoAg-3.8XO.059 

100 

10-5 

5 

coAg-4 X0.059 

100.1 

6.4X10-® 

5.2 

eoAg-4.2XO.059 

101 

10-® 

6 

eoAg—5 X0.059 

no 

10-7 

7 

eoAg-6 X0.059 


AE 

Ac 


7 

52 

118 

118 

52 

7 


(Cy. the curve in Fig. 2.) 










14 ION CONCENTRATIONS AND ELECTRODE POTENTIAL 

In order to demonstrate the influence of solubility product, 
in the following table, the values for the titration of 0.01 N 
silver nitrate solution with iodide are given. The solubility 
product of silver iodide is 10~^®; hence the silver-ion concentra¬ 
tion at the equivalence-point is 10~®, or pj^g — 8. 

Titration of 0.01 N Silver Nitrate with Iodide. Sasi =* 10~i* 


*cr Cent Ag 
Precipitated 

[Ag^] 

P^e 

Ear 

0 

10-2 

2 

CoAg- 2X0.059 

90 

10-3 

3 

COAB- 3X0.059 

99 

' 10-4 

4 

eoAs- 4X0.059 

99.9 

10-fi 

5 

eoAg— 5X0.059 

100 

10-8 

8 

DoAg— 8X0.059 

100.1 

10-“ 

11 

CoAg—11X0.059 

101 

10-12 

12 

eoAg-12X0.059 

no 

10-13 

13 1 

CoAg~13X0.059 


Ac 


7 

66 

1770 

1770 

66 

7 


AE 

In Fig. 3 the values of — are plotted as ordinates against 

Ac 

the excess of silver, or halide in the vicinity of the equivalence- 
point. 

It is evident from 4his figure that — is greater the smaller 

Ac 

the solubility of the precipitate and the greater the concentra- 

AE 

c curve is very 


tion of the solution to be titrated. If the 


Ac 

flat near the equivalence-point the titration can not give accurate 
results. 

In the instance given, where both ions of BA are univalent, 

the change of or —, is symmetrical on both sides of the 
Ac 

equivalence-point. If we had calculated the corresponding 
values for halogen-ion concentration instead of [Ag*^] and pj^gy 

AE 

we should have found exactly the same changes in —. 

Ac 
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The reader is referred to W, D, Treadwell ^ for the special 
characteristics of the 
precipitation curve of 
BA in the presence of 
salts. In the interpre¬ 
tation of his results the 
influence of electrolytes 
upon the activity coef¬ 
ficients of the silver and 
and chloride ions should 
be taken into accoxmt. 

The Composition of 
the Precipitate is B 2 A.— 

If we are titrating a solu¬ 
tion of B-ions with a 
reagent which contains 
the bivalent ions A”, 
and if we use the metal 
B as indicator electrode, 
the general shape of the 
precipitation curve will 
be Lhe same as in the 
case where BA is formed. 

In the neighborhood of 
the equivalence-point, 
however, there are strik¬ 
ing differences, as may 
be seen from the follow¬ 
ing table. The varia¬ 
tions in the ion expo¬ 
nent and in the electrode of silver nxeess of hfru*^ ** 

p>otential in the presence ^— Change in — near the equivalence- 

of an excess of are 

quite different from precipitation of silver haUdes. 

those observed in the presence of an excess of A““; hence the vari- 



»W. D. TreadweU, Helv. Chim. Acta, 2,672 (1919). 
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ations in the potential, or better in —, before and after reaching 

Ac 

tim equivalence-point are not the same. 

An illustration will serve to demonstrate this point. Sup¬ 
pose we have a 0.1 N silver solution which we are titrating with 
an oxalate solution. Assume that the volume remains unchanged 
during the titration. The solubility product is The 

reader is referred to Volumetric Analysis I, p. 5, for the method 
of calculating the ion concentrations near the equivalence-point. 

Titration of 0.1 N Silver Nitrate with Oxalate. S = 10”^* 


Per Cent Ag 
Precipitated 

[Ag-^] 

PA« 

Ea, 

AE 

Ac 

0 

10~1 

1 

eoAg-1 X0.059 = eoAg~0.059 


90 

10 

2 

coAg~2 X0.059=eoAg-0.118 


99 

10-• 

3 

coAg—3 XO. 059=* CoAg””0.177 

41 

77 

77 

81 

60 

99.7 

3.2 X10-‘ 

3.0 

coAg—3.5 X0.059 = r.oAg*”0.2065 

99.8 

2.35X10-* 

3.63 

eoAg-3.63X0.059= eoAg-0.2142 

99.9 

1.75X10-* 

3.76 

eoAg~3.76X0.059= eoAg-0.2219 

100 

Excess of 
Oxalate 
Per Cent 

1.26X10-* 

3.90 

GoAg“3.9 X0.059 = eoAg"“0.230 

0.1 

1 X10-* 

4 

CoAg—4 X0.059 = CoAg—0.236 

30 

31 

0.2 

8.4 X10-‘ 

4.08 

eoAg~4.08X0.059= eoAg-0.241 

1 

3.2 X10-‘ 

4.50 

F'0.\g'-"4.5 XO.059 = eoAg”“0.266 


In the table on p. 17 are represented the corresponding 
changes of the A ""-ion concentration, and of the potential of 
the A electrode, in the neighborhood of the equivalence-point. 

Figure 4 represents the changes in and near the 

equivalence-point. 

From the table and from Fig. 4, we see that the maximum 
AE 

value of — does not appear exactly at the equivalence-pointy bul 
Ac 

appears when there is a small excess of silver ions. If we eon- 
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Tixkation of 0.1 N Silver Nitrate with Oxalate. S » 10 


Per Cent Ag 
Precipitated 

[A-] 


Ea 

99 

10-' 

6 

eo-j-3 X0.059«eo-f0.177 

99.7 

10--» 

5 

eo+2.5 X0.059«co-h0.1465 

99.8 

1.75X10-* 

4.76 

60+2.38 X0.059=»eo+0.140 

99.9 

3.75X10-# 

4.43 

60+2.215 X 0.059= eo+0.131 

100 

6.3 XlO-6 

4.20 

60+2.10 XO.059=60+0.124 

Excess of A" 




Per Cent 




0.1 

1 xio--* 

4 

Co+2 XO.059 = 60+0.118 

0.2 

1.42X10-* 

3.85 

60+1.925X0.059=60+0.1135 

1.0 

5.2 XI0-* 

3.28 

Co+1.64 XO.059 = 60+0.097 


Ac 


42 

65 

90 

70 

60 


45 

20.5 
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sider the point where — is a maximum as the end-point, we are 
Ac 

introducing an error, which in this instance would Jc 0.18 per cent. 
The magnitude of this error depends upon the concentration 
of the solution to he titrated and upon the magnitude of the solubility 
product. The error increases with decreasing concentration of 
the ion to be titrated. If we had used in our example 0.01 N 
solution instead of 0.1 N, the error would have been about 10 
times larger. The error decreases with decreasing value of the 
solubility product. The smaller the solubility, the sooner it is 
negligible in comparison with an excess of or of A”. When 
the solubility is negligible in comparison with the slightest excess 

AE 

of B+ or A*, the maximum value of — occurs at the equivalence- 

Ac 

point. 

Theoretically, however, this is never the case. In general, 
if the slightly soluble substance has the composition BxAj,, the 
maximum will be found on the B ion side of the equivalence-point 
when X is greater than y, and it will be found on the A ion side 
when X is less than y. In practical cases the error will usually 
be very small. 

The accuracy of the titration is satisfactory only when the 
solubility is very small in comparison with a small excess of one 
of the ions. If this is not the case, the changes in the potential, 
AE 

or in —, are very small near the equivalence-point. Therefore, 
At; 

a small error in the determination of the potential may have a 
great influence upon the determination of the position bf the 
maximum, and the result can not be accurate. 

3. Mathematical Formulation of the Titration Error. Cal¬ 
culation of the Correction for the Titration Error.^—^We 
shall first consider the case in which the precipitate has the 
composition BA. The ion to be titrated, B+ let us say, has 
originally the concentration c\ it will be assumed that the 

* The authors wish to thank Dr. A. L. Th. Moesveld, of the van’t Hoff Labora¬ 
tory, Utrecht, for his help in the derivation of the equations in this section. 



MATHEMATICAL FORMULATION OF TITRATION ERROR 19 


volume remains unchanged during the titration. After the 
addition of an amount of A“ corresponding to a concentration y, 
there is left in the solution an amount of equal to {c — y). 
If the solubility of BA is x under these conditions, we have: 

(c - y + x)x S, .(3) 

S being the solubility product of BA. We also know that 
the potential of the electrode changes according to the equa¬ 
tion: 

Eb = sob + a log (c - y -f :r), . . . . (4) 

A being 0.0591 at 25^^ C. 

AE 

Now, we wish to know when the differential quotient — 

A^: 

will reach a maximum. Upon differentiation with respect to y 
we have: 



This term is a maximum when: — ^ + I = 0, or when 

Xr 

* * Vs..(6) 

Hence, in case the precipitate has the composition BA, the 
dE 

maximum value of — will be found exactly at the equivalence- 
ac 

point. 
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We shall now consider the case in which the composition of 
the precipitate is B 2 A. 

B+ originally has the concentration c; after the addition of 
an amount of A“ equivalent to a normality of y, there is left in 
solution an amoimt of B corresponding to a concentration of 
(c — y). If the solubility of B 2 A under these conditions is equal 
to ix, we have [B'^] = (c — y + ^), and [A*"] = and 

(c - y + xy^ 2 X = S,.(7) 

S being the solubility product of B 2 A. 

Moreover, we have again: 

Eb = 8ob + A log (c — y + x). . (4) 

Differentiation with respect to y yields: 

dE A / j \ 

dy (c — y + a;) \ 2x + (c — y + x)/ 


A 

2x + (c — y + x)‘ 


According to (7): 


and 


(c - y + x) 


V 




Differentiation with respect to x gives: 


dx 



d / [^ \ 

dV will reach its maximum when 0* 




or when: 

X - 


( 8 ) 

W 
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At the equivalence-point we have: 

= S, 
or 

* = A^.>^=1.26>yS. . . (10) 

From (9) and (10) we see that the maximum value of — 

dy 

is not reached at the equivalence-point, where x = 1.26-^S, 
but at the point where the solubility is decreased 2.5 times by 
the excess of B. It is now very easy to calculate the titration 
error, i.e., the error which we make by assuming that the maxi- 

rfE . . . 

mum value of — coincides with the location of the equivalence- 
dc 

point. From equation (9) we see that the maximum appears 
when; 

a: = 

Then [A“] = and we can calculate [B+] from the equation: 

= S, 

and 

[B+] = 

Hence,_at the point where the maximum appears, P ■'■] is equal 
to 2'^S, and the excess b of [B+] is equal to: 

6 = [B+] - a: = 2'V^S - . . (11) 

If the volume at the equivalence-point is v, we have an 
excess 6 of B+, which is: 


If the original concentration of B'*' is equal to B equivalents, 
the titration error is: 


b V 

Titration Error = per “lit 

x> lOUu 
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and we have to take into consideration the fact that the maxi¬ 
mum occurs on the B +-side of the equivalence-point. 

Example .—^Let us consider a simple illustration in which 
S == 10*'^. Let the final volume, at the equivalence-point, be 
100; ^d [B+] = 10“2. This case occurs when we titrate 
0.2 N silver nitrate with 0.1 molar oxalate. 

Then we have: 

h = l.S-^S = 1.5 X 10-^, 
and 

b V 

Titration Error = b Yqoo ==0.15 per cent. 

From the more or less rough calculation on p. 18 we found that 
the titration error under the conditions mentioned was about 
0.18 per cent. 

We learn from equation (12) that the titration error decreases 
as the value of S decreases, or as the equivalence-point volume 
decreases, or as the concentration of the ion to be titrated 
increases. 

We shall now consider the general case in which the precipi¬ 
tate has the composition B„Am. 

BnAm wB+ -f wA~. 

At the equivalence-point: 

[Bi = J[A-]. 
m 

and 

lB+]»[A-r = Sb„a„. . 

B'*' originally has the concentration c; after an amount of A~ 
corresponding to a normality y has been added, there is left in 
the solution an amount of B corresponding to a normality 
(c — y). If the solubility of B»A., corresponds to a concentra- 
ti(m of B-ions equal to x, then we have: 
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and 

TA 1 

[A- = —X, 
n 

and 



{!(, _ y) + *1 . s^. 

The potential of the electrode changes according to the 
equation: 

Eb = eo — A log 
Then we have: 


{i(c - y)+4 


dy 

dn 


X 


1/ N I 
—1 — y) + x) + mx 

n [m J 


^ - 

A 

dy 

m 

f 1/ 

—{c — y) + X + nx 
[ w 



The position of the maximum is determined by: 


dy 


» / S 


+ nx 



From this we have: 


m 
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This last equation gives us an expression for the magnitude of 

ae 

the solubiKty at the point where — has a maximum value. 


By applying this equation, we have for the case w == 2, 
w = 1 Tsalt B 2 A): 

X = 


4. Titration of One Ion in the Presence of Another, When 
Both Ions May Form Insoluble Compounds with the Reagent.— 

If we have in a solution two anions, A" and Ai“, both of which 
may form sparingly soluble salts, BA and BAi, respectively, 
then the salt BAi will be first precipitated upon the addition of 
B^, if it is the less soluble of the two salts. (C/. Volumetric 
Analysis I.) 

As we have seen there (p. 14, Vol. Anal.), only the salt BAi 
will be precipitated as long as: 

[Ai ““I X SEAt 
[A”"]/ Sba 


When the ratio between the concentrations of the two ions 
is equal to the ratio of their solubility products, the second salt, 
BA, will begin to be precipitated, and the ratio between the 
concentrations of the two anions thereafter will remain constant. 

The precipitation and potential curves for the titration of 
Ai"" in the presence of A"" will have the same shape as if the 
former alone were present in the solution, except in the imme¬ 
diate neighborhoood of the equivalence-point. In the a bsence 
of A--ion, the Ai^-ion concentration is equal to \/Sbai at the 
equivalence-point; it then diminishes rapidly with a slight 
excess of B+-ion. In the presence of A--ion, the Ai^-ion con¬ 
centration decreases just before the equivalence-point to: 

[Axi = [A-]^. 

OBA 

Whoi this concentration of Ai~ is reached, a further addi¬ 
tion of B+-ions changes the Ai“- and A~-ion concentration very 
slightly. The jump in the potoitial and the maximum value of 
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— occur too early; there is always a trace of Ai^ left m the 
Ac 

solution when BA begins to be precipitated. 

The titration error is equal to: 

S V \ 

Titration Error = [A~] P®'" “nt. (13) 

oba 1000 A 

V is the volume at the first equivalence-point; A is the number 
of equivalents of A"“ that were originally present in the solution. 
As in all other cases, the titration error increases with increasing 
values of v and with decreasing values of A. We see also that 
the titration error increases with increasing values of [A**], and 
with increasing values of the ratio between the solubility 
products of BAi and BA. Hence, the greater the concentration 
of the ion that forms the more soluble compound, and the smaller 
the difference between the solubility products of the two sub¬ 
stances, the less accurate is the titration. 

Examples —have SO cc. of a mixture of 0.1 N I*" and 
0.1 N Cl“, which we are titrating with 0.1 N silver nitrate. At 
the first equivalence-point, where silver chloride begins to be 
precipitated, r is equal to 100. Furthermore, we have 

A = ^. = 10-12. 

. 10“‘* 1 200 

Titration Error = 10~i - ^ 100 per cent 

10-12 10 1 

= 2 X 10“* per cent. 

If the iodide concentration had been 0.01 N, and that of the 
diloride 1 N, then 

Titration Error = 2 X 10-® per cent. 

If we have a mixture of 0.1 N 1“ and 0.1 N Br-, we use the 
solubility products of ^ver iodide and silver bromide in the 
calculation. 

Sa,i = 10-i«. = 5 X 10-13. 

T. . 10"^® 1 200 

Titration Error = 10-' -- . —100 per cent 

5 X 10-13 10 1 

= 0.04 per cent. 
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The precipitation of the silver bromide begins when the iodide 
concentration has become 2 X 10"“^. 

If we had taken a mixture of 0.01 N iodide and 1 N bromide, 
then: 

1 

Titration Error = l — * 2000-100 per cent 

== 4 per cent. 

In the following table is given the change in the silver-ion 
concentration, in the the potential of the silver electrode, 

and in — for a mixture of 0.01 N iodide and 0.01 N bromide. 
Ac 

For the sake of simplicity it is again assumed that the volume 
remains unchanged. 


Titration of a Mixture 0,01 N with Respect to 1~ and to Br“ with Ag + 
Total Volume, 100 cc. SAgi= SAgBr= 5 XlO'i^ 




X0.059-eo-‘0.767 
X0.059 = Co-0,708 


eo~11.3 X0.059 = 


XO. 059 = 00-0.649 


00-10.3 XO.059 = 00-0. 608 
00-10.3 XO.059=00-0.608 
00- 9.3 X0.059 = 00-0. 549 
00- 8.3 XO.059 = 00-0. 490 
00- 7.6 XO.059= 00-0.448 
00- 7.3 XO.059 = 00-0. 431 
00- 6.16 X0.059 = 00- 0.363 


00- 5 XO.059 = 00- 0.295 
00- 4.7 XO.059 = 00- 0.277 
00- 4 XO.059=00-0.236 
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Figure 5 represents the precipitation curve. The first 
inflection corresponds to the point where practically all of the 
iodide has been precipitated; the second jump in the potential 
corresponds to the point where all of the bromide is predpitated. 
The dotted line represents the course of the curve when 0.01 NI- 
is titrated in the absence of bromide. As may be seen from the 
graph, the first jump in potential is decreased to a marked degree 



20 40 60 80 100 20 40 60 80 100 


Fig. 5.—100 cc. of a mixture 0.01 Nin both I"" and Br“ titrated with 0.01 NAg^. 

in the presence of bromide. The second jump, where the pre¬ 
cipitation of the bromide is complete, is exactly the same as in 
the absence of iodide. 

If one of the ions is univalent and the other bivalent, giving 
the insoluble compounds BAi and B 2 A, BAi being the less 
soluble compoimd, the precipitation of the second salt begins 
when: 
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We may readily calculate the electrode potential at the first 
equivalence-point from this equation. 

6. Neutralizations.—^When we titrate a strong acid with a 
strong base we are dealing with strong electrolytes. The 
neutralization curve may then be compared with the precipita¬ 
tion curve in the case where the slightly soluble simple com¬ 
pound BA is formed. Instead of the solubility product we deal 
with the ion product of water in neutralizations. 

[H+][OH''] = Ku>. (Volumetric Analysis I, p. 19, equation (4).) 

At the equivalence-point pn = at room temperature 

hp^iO = 7. 

The theoretical value of the potential of the hydrogen 
electrode at the equivalence-point in the titration of a strong 
acid with a strong base is: 


Eh = 8oh — 7 X 0.059. 


Practically, we find that the maximum is usually at a smaller 
value of p^ rather than at p^ == 7, owing to impurities, especially 
carbonic acid, which are present in the solutions. When the 
carbonic acid content is rather large, we find two jumps in the 
potential, one at = 4 — 5, and the other at about p^. *= 8. 

The theoretical shape of the neutralization curve may be ‘ 
pictured from the data in the following table. As usual, it is 
assumed that the volume is constant at 100 cc. 

The neutralization curve of 0.01 N hydrochloric acid is 
shown in Fig. 6, p. 29. 

AE 

The change in the neutralization curve and also in — is 

exactly the same just before and just after the equivalence- 
point, which occurs exactly at p^ « 7. This is no longer the 
case when we titrate a weak add with a strong base, or a weak 
base with a strong add. In the former case the equivalence- 
point is found in alkaline solution, in the latter case in add 
solution, because of hydrolysis. 
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Titration op 100 cc. op 0,01 N Hydrochloric Acid with Sodium Hydroxide 

Kz£;-10-' 


Per Cent 
Neutralized 

IH+] 

pn 

Eii2 

AE 

Ac 

0 

10*-* 

2 

Co- 2X0.059 


90 

10-* 

3 

Co- 3X0.059 

65 

99 

10-^ 

4 

Co- 4X0.059 


99.9 

10-« 

5 

Co- 5X0.059 

1180 

100 

10-^ 

7 

Go- 7X0.059 

1180 

[ 

Excess of NaOH 
Per Cent 

0.1 

10 “» 

9 

Co- 9X0.059 

1 

10-10 

10 

Co- 10X0.059 

65 

10 

10-11 

11 

Co- 11X0.059 



From the considerations given in Volumetric Analysis I, 
Chapter I, it is easy to construct the neutralization curve- 
From equation (64) (Volumetric Analysis I, p. 25), we know 



Fio. 6.—Neutndizatiott curve, 0.01 N HCl with NaOH. 
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that in the titration of a weak acid with a strong base the equiv¬ 
alence-point will be found at: 

== 7 + ^pa + J log c. 

The potential of the hydrogen electrode will then be: 

Eli, = Co - 0.059(7 + -J/u + i 

In the titration of a weak base with a strong acid, the at the 
equivalence-point is: 

/>H = 7 — Ipb — I log c, 

and the electrode potential is: 

Ehj = coHj — 0.059(7 — ^pb — \ log c). 

In the following table are given the data for the titration of 
0.1 N acetic acid. It is again assumed that the volume of the 
solution remains constant during the titration. 

TnKAiroN OF 0.1 N Acetic Acid with Sodium Hydroxide 


Ka=1.8X10-‘. K„=l0->* 


Per Cent 
Neutralized 

[H+] 

Pll 

Eii2 

AE 

Ac 

0 

1.35X10-’ 

2.87 

Eo- 2.87 X0.059 = Co-0.170 


10 

1.6 X10-« 

3.80 

Co- 3.80X0.059 = Co-0.224 


50 

1.8 XlO-5 

4.75 

Co- 4.75X0.059 = eo-0.280 


90 

2.0 X10-* 

5,70 

Co- 5.70X0.059 = Co-0.336 


99 

1.8 X10-’ 

6.75 

Co- 6.75X0.059=eo-0.398 

52 

170 

99.8 

3.6 X10-« 

7.45 

Co- 7.45X0.059 = eo-0.440 

99.9 

1.8 X10-’ 

7.75 

Co- 7.75X0.059= Co-0.457 

100 

Excess of 
NaOH 

Per Cent 

1.35X10-’ 

8,87 

Co- 8.87X0.059 = eo-0.523 

660 

670 

0.1 

10-10 

10 

Co-10 XO. 059 « Co-0.590 

200 

49 

0.2 

5 Xl0-“ 

10.3 

eo-10.3 X0.059=eo-0.610 

1 

10-“ 

11 

Co-ll XO.059=80-0.649 


When the degree of hydrolysis is not negligible near the 
eqiiivalence-point, we must use equations (65) and (66) (Vol- 
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umetric Analysis I, p. 26) for the exact calculation of p^. This 
has been done in the two following examples. We assume that 
the volmne remains constant: Solution 0.1 N; Ka== or 
10 ~®, respectively. 

Titration of 0.1 N Acid with Sodium Hydroxide. Ka=10’"‘'. 


Per Cent 
Neutralized 

[H+] 

Pii 


Eh2 

Ac 

0 

10-^ 

4 

Co— 4 

XO. 059= Co-0.236 


9 

10-« 

6 

Co— 6 

X0.059=Co-0.354 


50 

10-7 

7 

1 

e 

X0.059=Co-0.413 


91 

10-» 

8 

Co- 8 

X0.059=Co-0.472 


99 

10-* 

9 

Co— 9 

X0.059=Co-0.531 

46 

90 

130 

130 

90 

46 

99.8 

2.4 XlO-^o 

9.62 

Co- 9.62 

X0.059»Co-0.568 

99.9 

1.64X10-i« 

9.785 

Co- 9.785X0.059= Co-0.577 

100 

10~io 

10 

Co—10 

X0.059=eo-0.590 

Excess of 
NaOH 

Per Cent 
0.1 

6.2 X10-" 

10.215 

Co-10.215X0.059= Co-0.603 

0.2 

4.2 X10-" 

10.38 

Co-10.38 

X0.059=Co-0.612 

1.0 

lO-n 

11 

Co- 11 

X0.059=Co-0.649 


Titration of 0.1 N Acid with Sodium Hydroxide. Ka=I0”®. Ku,= 10~i* 


Per Cent 
Neutralized 

[H+] 

pn 

Eji, 

Ac 

0 

10 

5 

Co- 5 XO.059 = 60-0.295 


9 

10-» 

8 

Co- 8 xo. 059=60-0.472 


50 

10”9 

9 

Co- 9 XO.059 =60-0.531 


91 

10-10 

10 

6o-10 X 0.059 = Co-0.590 


99 

1.62X10-*! 


Co-10.79 XO.059=60-0.6365 

12 

13 

14 

13 

12 

12 

12.5 

99.7 

1.16X10-” 

10.934 

Co- 10.934X0.059 = Co-0.6450 

99.8 

1.10X10-” 

10.954 

Co-10.954 X 0.059 = Co-0.6463 

99.9 

1.05X10-“ 

10.978 

Co-10.978X0.059=60-0.6477 

100 

10-” 

11 

Co-11 X0.059 = Co- 0.649 

Excess of 
NaOH 

Per Cent 
0.1 

9.5 X10-“ 

11.021 

Co-n:021X0.059=Co-0.6S02 

0.2 

9 X10-“ 


Co-11.041X0.059=60-0.6514 

1 

6.1 X10-“ 

11.21 

Co-11.21 X0.059=co-0.662 
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The maximum is found practically at the equivalence-point. 
There are indeed two maxima, one at either side of the equiv¬ 
alence-point and very close to it. We observe only one maxi¬ 
mum at the equivalence-point in those cases which give satis¬ 
factory practical results. As may be seen from the data and the 

AE 

curves, the magnitude of — decreases with decreasing dissocia- 

Ac 

tion constant of the acid. A simple calculation shows us also 



0 10 20 80 40 60 60 70 80 90 100 110 

$ Neutralized 

Fig. 7.—Neutralization curve, 0.1 N acetic acid with sodium hydroxide, 

that the magnitude decreases with decrease in the concentra¬ 
tion of the acid that is to be titrated. 

In the titration of the acid of dissociation constant 10~® at a 
concentration of 0.1 N, there is no sharp end-point. (Q*. table, 
p. 31.) The inflection is very small. An error of 1 millivolt in 
the determination of the electrode potential would have a great 
influence on the location of the maximum. Such a titration 
can not give accurate results. The practical limit is reached 
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when K« equals 10~®, at a concentration of 0.1 N. Adds with 
smaller dissociation constants can not be titrated accurately at 
concentrations smaller than 0.1 N. 

When the dissodation constant of the add is very small, 
there is no inflection-point at all. E. D. Eastman^ has cal¬ 
culated that at 1 N concentration an inflection-point occurs 



0 10 20W«>50 60 70 80W100UOiaD 

NeutrsUzcNl 

Fig. 8. —^Neutralization curves of 0.1 N adds of Ko * 10*^ and Ka ** 10“* 

if Ka is greater than 10“^*; not if K. is equal to 10“^^. At 
a concentration of 10~^ the above limit is shifted 10^ times, 
and an inflection-point is found if K. is greater than 10~^. 
Eastman remarks: “The failure of the inflection to appear 
seems more remarkable when it is conddered that, in the case 
where c equals 1 N and K. equals 10~**, only about 10 per 

* E. D. Eastman, J. Am. Chem. Soc., 47, 333 (1925). 
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cent of the add would remain undissodated (that is, only 
lO per cent of the salt would be hydrolyzed at the end-point).’’ 
P. S. Roller ^ has derived another set of equations, and has found 
that if the product of the concentration, c, of the add and the 

dissociation constant Ka is 
equal to 10""^^, the deviation 
in titer between the end-point 
and the inflection-point is 0.3 
per cent, but becomes only 
0.03 per cent when the product 
is equal to 10”^®, and de¬ 
creases rapidly thereafter. For 
cKa = lO”’^^ the theoretical 
deviation is 3 per cent (K«, = 
10~^^). According to Roller 
an inflection in the E.M.F. 
titration curve will appear 
only if cKo < 27Ktp. Accord¬ 
ing to Eastman, the inflection- 
point and the end-point are at 
different positions with adds 
of strength but little more 
than sufhdent to produce an 

inflection. The error may be 
Fig. g.-Neutoliiation curve, O.INaceUc q j discrepan- 

aes decrease rapidly as the 
strength of the add is increased. Therefore, in all practical 
cases, we may consider the inflection-point and the end-point 
as identical. 

The neutralization curve of a weak acid with a weak base 
will be the combination of two neutralization curves, namely, 
that of a weak add and a strong base with that of a weak base 
and a strong add. Differences appear at the equivalence-point, 
which in all practical cases lies at a near 7. Owing to hydroly¬ 
sis at both sides of this point, the jump in potential at the equiv¬ 
alence-point will never be very large. At a distance of about 
^ P. S. Roller, J. Am. Chem. Soc., GO, 1 (1928). 
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5 per cent from the equivalence-point the neutralization curve 
coincides with that of a weak acid and a strong base, or with 
that of a weak base and a strong acid, respectively, since the 
salts of weak acids and weak bases are strong electrolytes. 

In the following table are given the values of ^h, etc., that 
are obtained in the neutralization of 0.1 N acetic acid with 
ammonia. It is assumed that the volume is constant during the 
titration. Equations (72) and (73) (Volumetric Analysis I, 
p. 29) have been used for the calculation of [H+] in the neigh¬ 
borhood of the equivalence-point. 


Titration of 0.1 N Acetic Acid with Ammonia. K«==K6=10"‘<*^^ 


Per Cent 
Neutralized 


Pii 

E|l2 

Ac 

50 

1.8 X10-‘ 

4.75 

eo-~4.75 X0.059 = Co-0.280 


90 

2.0 X10-« 

5.70 

Co-5.70 X0.059 = eo-0.336 


98 

3.7 X10-’ 

6.43 

eo-6.43 X0.059=eo-0.379 

13 

20 

22 

22 

24 

24 

22 

22 

20 

13 

99 

2.2 X10-’ 

6.65 

Co-6.65 X0.059=eo-0.392 

99.6 

1.42X10-’ 

6.85 

Co-6.85 XO.059= Co-0.4040 

99.8 

1.20X10-7 

6.923 

Co-6.923 XO. 059 = Co-0.4084 

99.9 

1.12X10-’ 

6.961 

Co-6.961 XO. 059= Co-0.4106 

100 

1 X10-’ 

7 

Co-7 XO.059= Co-0.4130 

Excess of 
Ammonia 
Per Cent 
0.1 

9.14X10-* 

7.039 

^ Co-7.039X0.059= Co-0.4154 

0.2 

8.38X10-* 

7.077 

eo-7.077X0.059 = Co-0.4176 

0.4 

7.08X10-* 

7.15 

Co-7.15 X0.059 = eo-0.422 

1 

4.5 X10-* 

7.35 

eo-7.35 X0.059=eo-0.434 

2 

2.7 X10-* 

7.57 

eo-7.57 XO.059 = 80-0.447 


As may be seen from the table, we do not find a sharply 
defined maximum at the equivalence-point. The stronger the 
add and the base, the sharper is the maximum. If the add and 
base have different strengths, the maximum is not situated 
exactly at the equivalence-point. It is of no practical signifi¬ 
cance, however, to calculate the error, since it is negligible in all 
instances where a pronounced inflection occurs. When the 
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jump in potential is very small the titration can not be very 
accurate, because an error of 1 millivolt in the determination of 
the electrode potential will change the position of the maximum 
appreciably. The titration of 0.1 N acetic acid with ammonia 
can not be carried out with an accuracy greater than 0.2 per 
cent. 

If the dissociation constants of the acid and base are very 
small there is no inflection at all at the equivalence-point. The 
limits are given in the following table; 


Concentration 



1 N 

10-IN 

10 “^N 

10-»N 


Inflection 

Inflection 

Inflection 

Inflection 

ft 

it 

o* 

it 

O 

Inflection 

Inflection 

Inflection 

No inflection 

K« = K6=10-« 

Inflection 

Inflection 

No inflection 

No inflection 

Ka=:K6-10~«-5 

Inflection 

No inflection 

No inflection 

No inflection 

Ka«K6*10-^ 

No inflection 

No inflection 

No inflection 

No inflection 


The neutralization curve of a mixture of two acids, or of a 
polybasic acid, may be calculated from the data given in Vol¬ 
umetric Analysis I, p. 33. If the titration of one acid is possible 
in the presence of the other, we obtain two inflection-points, the 
first after the neutralization of the stronger acid, and the second 
after the neutralization of the weaker acid. The latter case 
has already been discussed. Therefore, only the inflection at 
the first equivalence-point remains to be considered here. From 
Volumetric Analysis I, p. 34, we find that at the first equiva¬ 
lence-point: 

pn = + />K,), 

Pki and pKt being the acid exponents of the two acids, which in 
this instance have the same concentration. 

From the data given in Volumetric Analysis I, § 11, p. 36, 
it may be calculated that no inflection at all occurs when the 
first add is no more than 100 times stronger than the second, 
if both adds have the same concentration. If the second add 
has a concentration 100 times greater than that of the stronger 
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add, then the latter must have a dissodation constant which 
is at least 10,000 times larger than that ofthe weaker add, if an 
inflection-point is to be observed. Such a titration does not 
yield accurate results, however. If the accuracy is to be at 
least 0.5 per cent, the first acid must have a dissociation constant 
which is at least 10,000 times larger than that of the second, 
when both acids have the same concentration. When the con¬ 
centration of the weaker acid is 100 times larger than that of the 
stronger, then the dissociation constant of the latter must be at 
least 10® times larger than that of the weak acid if we are to ob¬ 
tain satisfactory results. In Volumetric Analysis I, Chapter I, p. 
36, the fact that a dibasic acid may be considered as a mixture 
of two acids, the strengths of which are given by the first and 
second dissociation constants of the add, has been discussed. 

In the following table are given the ratios of Ki and K 2 for 
some familiar organic adds: 


Acid Ki : Ka 

Oxalic. About 1000 

Tartaric. About 11 

Citric. About 20 

Malonic. About 500 Can not be titrated as a monobasic acid 

Malic. About 50 

Fumaric. About 20 

Maleic. About 200 


In all of the above instances, the ratio of Ki : Kz is so small 
that the add can not be titrated as a monobasic add. For 
carbonic add: 

Ki = 3 X 10-7; Kz = 6 X 10-“; Ki : Kz = 5000. 

Hence, carbonic add may be titrated as a monobasic add; 
the accuracy, however, is not greater than 1 per cent. 

In the case of phosphoric add we have: 

Ki* 1.1 X10-2; Kz = 1.9SX10-7. Ki : Kz = about 10«. 

Ka=1.95X10-7; K 3 = 3.6 X10-« Kz : K3=about 5X10«. 

The ratios are great enough to make it possible to titrate phos¬ 
phoric add both as a monobasic and as a dibasic add. 
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In the following table, the authors give, by way of illustra¬ 
tion, the data for the neutralization curve of a mixture 0.1 N 
with respect to both acetic and boric acids, in the neighborhood 
of the first equivalence-point. 

Titratjion of a Mixture of 0.1 N Acetic Acid and 0.1 N Boric Acid 
Ki=*1.8X10-6. K2 = 6X10 -Jo. Ki : K2=3X104 


Per Cent NaOH 
Equivalent to 
Acetic Acid 

[H+] 

P:i 

E 1 T 2 

90 

i 2 X10“« 

5.70 

Po-S. 70X 0.059 = eo-0.336 

95 

9.4 XIO-"^ 

6.03 

Co—6.03 X 0.059 = Co—0.356 

98 

3.7 XIO-’ 

6.43 

Co-6.43 X 0.059 = Co—0.380 

99 

2.3 XIO*-’ 

6.64 

Co-6,64 X 0.059= Co-0.392 

100 

1.03X10-’ 

6.99 

Co-6.99 X0.059= Co-0.412 

101 

4.6 X10-’ 

7.34 

Co-7.34X0.059= Co-0.432 

102 

2.8 X10-’ 

7.55 

Co-7.55X0.059 = Co-0.444 


All other combinations that occur in analytical neutraliza¬ 
tions may be reduced to the 
cases that have been dis¬ 
cussed above. For details, 
especially regardmg the ti¬ 
tration of weak acids or 
bases in their salts (displace¬ 
ment titrations), the reader 
is referred to I. M. Kolthoff^s 
Volumetric Analysis I and II. 

6. Titration of % Com¬ 
plex-forming Ion,—(C/, Volu¬ 
metric Analysis I, p. 38.) If 
we titrate an ion, B+, which 
forms a complex with A~, 
according to the equation: 

Fig. 10. — Neutralization curve, 0.1 N acetic 26"^ + A_A"*" 

acid in the presence of 0.1 N boric acid. ^ ^ ^ 

we have: 



Acetic Acid Neutralized 


IB2A+] 


= K' 


oomid. 


(Cf. Volumetric Analyris I, p. 39.) 
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Now, if we are titrating a solution of B+ of concentration c, and 
have added an amount of reagent equivalent to a, then: 

[B+] = c — a, 

[B 2 A+] = §a. 


In order to give a rather simple formulation, it is assumed 
that the dissociation of the complex ion into its components is 
negligible in comparison with the excess of one of the ions. 
When the titration yields accurate results, this assumption is 
permissible from a practical point of view. It is assumed that 
the volume is constant during the titration. After the addition 
of an amount of reagent equivalent to a, we have, according to 
Volumetric Analysis I, p. 39: 


^ J “ [B+p " 2{c 


At the equivalence-point we have, according to equation {91a)^ 
Volumetric Analysis I, p. 39: 

[A""] == ^^K'corapi.(101a) 

[B+] = </2dK!^^x. .... (1016) 

After the addition of an excess of A“ equivalent to a concentra¬ 
tion 6, we have : 

[Ai = ^6, 

[B 2 Ai = \c, 

[Bi = 



With the aid of these equations, we may calculate the 
complex-formation curve for the simplest reactions: 


2B+ +A-?:±B2A+ 
or 

B+ + 2A-'?:iBA2~ 
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When more ions react with each other to form a complex 
ion, the equations are of higher orders: 

+ yA ^-or 
[Bn+jxfA-]. 

When P+] is known we may calculate [A""]; and conversely, 
when [A~] is known we may calculate [B+], provided the con¬ 
centration of the complex ion [BaA/*^] or [BxA/~~'] is given. 

In most practical instances, we encoimter the complication 
that the neutral part, BA, is a slightly soluble substance. At 
the point where the precipitation begins, we can no longer apply 
the simple equations given above, but must also take into account 
the solubility product, Sba- We obtain a new set of equations 
upon introducing Sba- Another complication which we fre¬ 
quently meet is that not merely one complex ion is formed but 
often two or more: 

Hg^ + + 3CN~:(=±Hg(CN)3“ 

Hg++ + 4CN- Hg(CN)4-. 

In order to calculate the simple ion concentrations, we must 
employ equations in which the various complex constants occur. 
The final equation is no longer of a simple form. 

It lies beyond the scope of this practical book to give a set 
of equations for the calculation of the simple ion concentrations 
in each particular instance. With the aid of the foregoing dis¬ 
cussion, however, one should be able to calculate changes in the 
simple ion concentrations in any instance for which the various 
constants are known. On the other hand, it is possible to derive 
the complex constant, or the various complex constants of the 
system, from the practically determined data of the complex- 
formation curve. 

Example .—^In order to demonstrate this mode of calculation 
and its difficulties, we may take as an example the rather simple 
case of the titration of cyanide ion with silver, which is of great 
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practical importance. The reaction is represented by the 
equation; ® 

2CN- +Ag?±Ag(CN)2- 
and 


[Ag+][CN-]g 

[Ag(CN)2-] 


10 - 21 . 


The difficulty which we meet here is that the silver salt of 
the complex ion, Ag[Ag(CN) 2 ], (usually called silver cyanide 
although in reality it is silver argenticyanide) is slightly soluble. 
Hence, we must take into consideration the equation: ® 

fAgi[Ag(CN)2i = SA«rA.(CN)„ = 4 X 

When we are titrating a cyanide solution with silver nitrate, 
the complex ion alone will be formed until the silver-ion con¬ 
centration reaches the value: 


[Ag(CN)2-]- 

At this point the precipitation of the silver-silver cyanide begins, 
and a further addition of silver ion does not change the concen¬ 
tration very much, since the concentration of the complex ion 
is changed but slightly by the precipitation of its silver salt. 

We shall assume an original concentration of 0.1 N for the 
cyanide solution, and a constant volume during the titration. 
The concentration of the complex ion will be 5 X 10*“^ at the 
equivalence-point. According to equation (lOla), [Ag+] will 
then be: 

[Ag+] = 3.0 X 10-8. = 7.53. 

*C/. Euler, Ber. 86, 2878 (1903); Bodlander and Eberlein, Z. anorg. Chem., 
89, 208 (1904). 

* According to BodlMnder and Lucas, Z. anorg. Chem., 41, ^92 (1904), the 
silver-ion concentration in a saturated silver cyanide solution is 2.2X10’“* (25®); 
Bottger, Z. physik. Chem., 56, 93 (1906) found a value of l.6X10~*, by conduc¬ 
tivity measurement. 
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It follows, from the solubility product of the silver-silver cyanide, 
that its precipitation will begin when: 

When the silver-ion concentration has reached this point, a 
further small addition of silver salt does not change the con¬ 
centration of the complex ion and of [Ag+] to an appreciable 
extent. 

From the above we see that the precipitation of the silver- 
silver cyanide begins before the equivalence-point is reached. 
The jump in the potential also occurs before that point. As 
we shall see from the data in the table below, the titration error 


Titration of 0.1 N Cyanide Solution with Silver Nitrate 
^ ^ SAg[Ag(CN)2l“^^ 


Per Cent 
Silver 
Equivalent 
to Cyanide 

IAe+] ' 

Pa« 


AE 

Ac 

10 

6.2 X10-"22 

21.22 

r.0-21.22X0.059= Co-1.252 


50 

10-20 

20 

Co-20 X0.059=eo-l .180 


80 

10-19 


Co-19 X0.059=eo-1.121 


90 

4.5 XIO-’^ 

18.35 

Co-18.35 X 0.059 = Co-1.083 


95 

1,9 XIO-'* 

17.72 

Co- 17.72X0.059 = Co-1.046 


98 

1.2 X10-” 

16.91 

Co- 16.91X0.059= Co-0.998 


99 . 

4.95X10-'’ 

16.31 

Co-16.31X0.059= Co-0.962 

oO 

on 

99.7 

5,5 X10-'« 

15.26 

Co- 15.26X0.059 = Co-0.900 

'510 

99.8 

1.25X10-*'' 

14.90 

Co- 14.90 XO. 059 = Co-0.879 

ZlU 

99.9 

5 XIO-** 

14.30 

eo-14.30X0.059= Co-0.844 

OOvI 

100 

8 XIO-'* 

10.1 

Co-10.1 X0.059=eo-0.596 

n 

Excess of 




V 

Silver 





Per Cent 





0.1 

8 XIO-** 

10.1 

Co-10.1 X0.059 = 80-0.596 

A 

0.2 

8 XIO-** 

10.1 

Co-10.1 X0.059 = 80-0.596 

u 

o 

1.0 

8 XIO-** 

10.1 

Co-10.1 XO.059 = 80-0.596 

1/ 


is so small that we may neglect it from a practical standpoint. 
The data in the table have been derived in the following Mray: 
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We start with a 0.1 N cyanide solution, and assume that the 
volume does not change during the titration. The silver-ion 
concentration is calculated by means of the equation: 



10 20 30 40 GO 60 70 80 90 100 no 

Ag equivalent to CN” 

Fig. 11.—Complex-formation curve, 0.1 N cyanide and Ag+. 


When 10 per cent of the cyanide has been titrated its con¬ 
centration has become 9 X lO'^N, whereas the concentration 
of the complex ion (Ag(CN) 2 “] is equal to S X 10~*. Hence: 

= 6.2X10-“ ^^ = 21.22. 
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All of the Other values of [Ag+], up to the equivalence-point, 
have been calculated in this way. 

We see that after 99.9 per cent of the equivalent amount of 
silver has been added, the silver-ion concentration is 5 X 10“^®. 
At this concentration the silver salt will not be precipitated, 
since [Ag+] must be in this instance at least 8 X 10~“ before the 
precipitation begins, (See above.) Hence, the silver-ion con¬ 
centration rises from 5 X 10“*® to 8 X 10“** during the addition 
of the last 0.1 per cent- before the equivalence-point. It is 
practically unchanged by a small excess of the silver salt. 

The curve found by E. Miiller and H. Lauterbach,^ which is 
represented by the dotted curve in Fig. 11, is in good agreement 
with the theoretical curve. For the sake of clearness, the abscissas 
of the dotted curve have been shifted 2 cc. to the left in Fig. 11. 

’ E. Muller and H. Lauterbach, Z. anorg. Chem., 121, 178 (1922). 



CHAPTER in 


THE RELATION BETWEEN THE CHANGE IN THE RATIO 
OXIDANT: REDUCTANT AND THE ELECTRODE 
POTENTIAL IN OXIDATION-REDUCTION REACTIONS 

1. Equivalence-potential in Oxidation-Reduction Reactions.*— 
In Volumetric Analysis I, Chapter III, a discussion of the 
equilibrium conditions of the reaction: 

Oxi + Red 2 Redi + 0x2.(1) 

has been given. Oxi is the oxidant which we are titrating with 
the reductant Red 2 . At the equivalence-point: 

[Oxi] [Reda] 

[Redi] [0X2] • 

We also have: 

E-«, + 0.0S9Uoggj.a^ + 0.0S9noggj, . (2) 

in which is the normal potential of the system Oxi ^ Redi, 
and Co, that of the system 0 x 2 ^ Red 2 . 

We may calculate the equivalence-potential, Ee, from the 
last two equations: 

E.-2^.(3) 

When we are dealing with a reaction of the type: 

Oxi + 2 Red 2 Redi + 2 0x2, .... (4) 

it follows from equations (120) to (140), Volumetric Analysis I, 
p. 73 ff., that: 

Eg = g .(5) 

1 Cf. I. M. Kolth(«, Chem. WeekWad, 1«, 408 (1919). 
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We shall now consider the general equation: 

aOxi + iRed2 aRedi + 60x2, 
whose partial-reaction potentials are: 


E = coj + 


0.059, f [Oxi] 1 “ 

—“’MM’ 


0.059 f [0x2] 

E 80 , + ^ log . 

Moreover, we know that at the equivalence-point: 

[Oxi] ^ [Redg] 

[Redi] [Oxg] ‘ 


Then we have: 

^ , 0.059a, [Oxx] 

E-o„, + —logjgjjj-o,. 

Or at the equivalence-point: 


0.059i, [Redg] 
M-- 


. , 0.059si, |Oxi] 

jE.K + -7-i'>gi5;5i 

0.059a6, [Oxi] 
aE + 6E = bzo, + azo. 


bzo^ -f aeo^ 
a -f* 6 


Examples, —Reaction: 


Fe+++ + Cu-^ Fe++ + Cu++ 

a = 1 ; 6 « 1 . 

COFe***—>.Pe” * 0.714; C0cu++—>Ou'*‘ ~ 0.18* 

E. . iliiH . 0.447. 

J* 
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Reaction: 

2Fe+++ + Sn++ 2Fe++ + Sn++++. 
a = 2; 6 = 1. 

soFe*"—>i»" ~ 0.714; 8 oso"_^bji“ 0.138. 
_ .714 + 2 X .138 ^ Q 

LjE o 


Reaction: 

Mn04- + 8H+ + 5Fe++ F^Mn++ + 5Fe+++ + 4 H 2 O. 


a = 1; 


6 = 5. 


At[H+] - 1, 

80 MnO 4 -*Mn+* = 1-52; eoye" 


>> = 0.714. 


_ 5 X 1.52 + 0.714 _ J 286, 

Ee - g 

2. Change of the Electrode Potential during the Titration 
of an Oxidant or Reductant. Oxidation-reduction Curve. 

As we have seen from the equation which gives the relations, the 
electrode potential of an oxidation-reduction system is dependent 
only upon the ratio between the concentrations of oxidant and 
reductant, and not upon their total concentrations. Therefore, 
the change in potential during the tUralum of an oxidant or 
reductant is independent of the total concentration of the suhstance 
to be titrated. In the mathematical discussion of the location of 

the maximum value of however, we have to take the total 

concentrations into consideration, at least in iddnity of the 
equivalence-point. We shall first consider the change of the 
I^tential in a simple case where an oxidant is titrated accordmg 

to the equation: „ , , 

Oxi + Red 2 Redi + 0x2. 

After the reduction of 9 per cent of the oxidant we have: 

E = 80 + 0.059 log^ = so + 0.059 log V = so + 0.059. 
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After the reduction of half of the oxidant we have: 

[Oxi] = [Redi], 

and hence: 

E = Go. 

In this way all of the values of E may be calculated. In the 
neighborhood of the equivalence-point we also apply the simple 
equation; we neglect the amounts of Oxi and Red 2 that are due 
to the incompleteness of the reaction. If this is not permissible, 
as in cases where the equilibrium constant is rather large, we 
may calculate the corrections with the aid of a quadratic equa¬ 
tion. 

At the equivalence-point, as we have seen: 

= .(3) 

The break in the potential is dependent upon the normal 
potentials of the two oxidation-reduction systems that are 
involved. When an excess of the reductant with which we 

Titration of an Oxidant. Oxi -f Red 2 «=* Redi -f 0x2 


Per Cent Oxi Reduced 

1, .• 

Ratio 

[Red.1 

E 

9 

10 

eo,-|-l X0.0S9 

50 

1 

eox 

91 

0.1 

eoj-l X0.059 

99 

0.01 

eoi-2 X0.059 

99.8 

0.002 

eoi~2.7XO.059 

99.9 

0.001 

eo,-3 X0.059 

100 

JiolEaz^S! 

6o,-|-G«^ 

Excess of Reds 

Per Cent 

0.1 

\ 0.059 

Ratio 

[Reds] 

1000 

2 

802+3 X0.059 

0.2 

500 

602+2.7X0.059 

1 

100 

8(^+2 X0.059 
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titrate has been added, the potential may be readily calculated 
from the equation: 


E-«, + 0.0S.log|^. 

In the table on p. 48 is given a summary of these con¬ 
siderations. 

It is evident that the jump in potential depends only upon 
the equilibrimn constant of the reaction and not upon the con¬ 
centration of the solution to be titrated or of the titrating agent. 
In very dilute solutions, or in cases where K is moderately large, 
the actual concentrations also play a part in the vicinity of the 
equivalence-point. In the following table, the titration of a 
ferric iron solution with cuprous copper as a reagent is given as 
an illustration. 

Titration of Ferric Iron with Cuprous Copper, boi** 0.714. eoj-O.lS 


Per Cent 
Ferric Iron 

[Fe"*] 

Eh 

Ac 

Reduced 

[Fe"I 


9 

10 

0.714+ 0.059«*0.773 ! 


50 

1 

0.714 =0.714 


91 

0.1 

0.714- 0.059 = 0.655 


99 

0.01 

0.714-2 XO.059 = 0.596 

46 

180 

900 

900 

99.8 

0.002 

0.714-2.7 XO.059 = 0.555 

99.9 

0.001 

0.714-3 XO.059 = 0.537 

100 

Excess of Cu* 

0.00003 

0.714-4.52X0.059 = 0.447 

Per Cent 

[Cu-^J 



0.1 

1000 

0.18 +3 XO.059 = 0.357 

180 

46 

0.2 

500 

0.18 +2.7 XO.059 = 0.339 

1 

100 

0.18 +2 XO.059 = 0.298 


The maximum break in the potential occurs just at the 
AE 

equivalence-point. The —- c curve is s)anmetrical on both 

Lc 

lides of this point. This is no longer the case when the oxidant 
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Fig. 12.—Titration of ferric iron with cuprous copper. 



Fio. 13.—^Titration of Fe+ + + with Sn + 
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and the reductant with which we titrate react with different 
numbers of electrons, e.g.: 

20xi + Red 2 ^ 2Redi + 0x2. 

The change in potential during the titration of the oxidant is 
the same as that which we have calculated for the preceding 
table, before the equivalence-point is reached. 

At the equivalence-point: 

2p.o, + eoj 


When we have an excess of 0.1 per cent of reductant, express¬ 
ing the ratio in equivalents, we have: 

= 1000 
[Reda] ’ 

and 

E = Eo, + log 1000 = Eo, + 1.5 X 0.059. 

In the same way we ^ind, with 1 per cent of reductant; 

0.059 

E = 8o, H- r — log 100 = Co, + 0.059. 

A 


In the table on p. 52 are given the calculated values for 
the titration curve of ferric iron with stannous tin. 

When we have more complicated systems, as for instance, 
when we are using permanganate, dichromate, or iodate, as 
oxidants in acid solution, we may apply the more complicated 
equations which were derived in Volumetric Analysis I, p. 74 ff. 

As an example we may consider the titration curve of ferrous 
iron with permanganate in a solution whose hydrogen-ion con¬ 
centration is 1 N at the equivalence-point. Before the equiva- 
lence-point is reached we have the ferrous-ferric potential. 
When 99 per cent of the iron is oxidized: 
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TmtAiioN OF Feuric Iron wiih Stannous Tin 
2Fe ++++Sn+ +i=t2Fe +++Sn++++ 

0,059 rFe+++1* 

2Fe++++2<!?=t2Fe++. E-0.714+— 

0.059 rSn+'''++] 

Sn+++++2«:iSn++ E-0.138H—— log ‘,^ ■ 

2 


Per Cent 
Ferric Iron 
Reduced 

[Fe + + +] 

[Fe + q 


E 

AE 

Ac 

50 

1 

0.714 

= 0.714 


91 

0.1 

0.714-1 

XO.059 = 0.655 


99 

0.01 

0.714-2 

XO.059 = 0.596 

46 

180 

2070 

1030 

» 99.8 

0.002 

0.714-2.7 

XO.059 = 0.555 

99.9 

0.001 

0.714-3 

XO.059 = 0.537 

100 

Excess of 
Stannous Ion 
Per Cent 

3.2X10-^ 

[Sn++++] 

[Sn-^+1 

0.714-6.5 

XO.059 = 0.330 

0.1 

1000 

0.138+1.5 

XO.059=0.2265 

90 

23 

0.2 

500 

0.138 + 1.35X0.059 = 0.2175 

1 

100 

0.138+1 

XO.059 = 0.197 


At the equivalence-point we have: 

jg _ ^^1 ~1~ ^^8 _ ^^Mn04 ~1~ ^Fe 


(p. 46). 


a + b 6 

With an excess of 0.1 per cent permanganate, the ratio 
[Mn 04 “] : [Mn++] = 0.001, 


and 


( 6 ) 


^ . 0.0S9, _[Mn04i 

E »80MnO4 + —log jj^- +] 

3 X 0.059 

“ ®0MnO« ~ e — 1). 


The values in the following table were calculated in this 


way. 
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Titkation of Ferrous Iron with Permanganate. 

Mn 04 --h8H ++5Fe++ ?z± Mn + ++5Fe + + ++4HaO 


5Fe++++5c4=^5Fe++ 


E«0.714-h 


0.059 

5 


log 


[Fe + +]‘ 


Mn 04 -+ 8 H++ 5 <j?±Mn+++ 4 HA E« 1.52-f log 

5 



The curve that corresponds to the data of the foregoing 
table is given in Fig. 14. The dotted curve corresponds to the 
values that were foimd by experiment. It has been shifted two 
abscissa units to the right in the hgure. The agreement between 
the two curves is very good. 


AE 

In Fig. IS are given curves corresponding to the- c 

Ac 


plots for the three cases discussed above. These curves illus- 

A£ 

trate fully the differences in the nature of the change in — 

Ac 


values in these three instances. 

3. Titration of a Mixture of Different Oxidants or Reduc- 
tants.—^This case may be reduced to the general one whidi was 
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discussed in the preceding paragraph. In order to decide 
whether we can titrate one reductant in the presence of another, 
we have to consider the problem of the titration of the stronger 

reductant with the 
oxidized form of the 
other reductant. If 
we have, for example, 
a mixture of cuprous 
and ferrous ions, the 
cuprous ion is the 
stronger reductant. 
In the titration with 
a strong oxidant, e.g., 
permanganate, the 
cuprous ion is oxi¬ 
dized first. At the 
first equivalence- 
point, when practi¬ 
cally all of the copper 
is oxidized, we have 
the equilibrium: 

Cu++ + Fe^**" 

^ Cu+ + Fe+++, 

in which the various 
reactants have the 
same concentration 
ratios as at the equiv¬ 
alence-point of the 
titration of cuprous 
ion with ferric. 

Therefore, the 
magnitude of the 
break in potential, 
i.e., the sharpness of the titration, is dependent only upon the 
difference between the normal potentials of the components 
that are present in the solution. The potential at the first 



Fig. 14.—^Titration of ferrous iron with 
permanganate. 










MATHEMATICAL FORMULATION OF THE VARIATION 56 


equivalence-point may be calculated according to the equation 
derived in § 1 of this Chapter. 

AE 

4. Mathematical Formulation of the Variation in —.— 

Ac 

We shall start again with the simple reaction: 

Oxi + Red 2 ^ Redi + 0x2. 


This can be made clearer 
by means of a practical 
example, as: 

Fe+-^-+ + Cu"^ 

^ Fe-+'+ + Cu++. 

The original concentra¬ 
tion of the cuprous ion is 
equal to c. We now add 
an amount of ferric solu¬ 
tion equivalent to a con¬ 
centration y. If the 
concentration of cuprous 
ion is then equal to x, 
an amount {c — x) of 
Cu + has been trans¬ 
formed into cupric ion; 
hence: 

[Cu++] - c — X, 

also 

[Fe++] ^ c — X. 

From this we have: 

[Fe+++] = y — (c — a:). 

The application of the 
law of mass action gives: 


AE 

AC 
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Fig. 15.—Maxima of ■— c curves at equiva- 
Ac 

lence-points of oxidation>reduction titrations. 


(y - c + a;)a: _ 
ic - xy 
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The potential of the electrode during the titration is: 

E = eoFe>»_»Pe" - A log 

(Here A is 0.0591 at 25° C.) 

By differentiation we obtain. 

dx x(c — x) 

dy c{y — c) +x{y + c)' 

dE _Ac_ 

dy c{y — c) +x(y c)' 

At the point where — is a maximum, we have: 

dy 

\ 

^{c(y - c) + «(y + c)} =0, 
or 

^{c(y - c) + x(y + c)] = (c + x){c(y - c) + x(y + c)} 

- xiy + c){c - ») = 0. 

c(y — c){c + *) = — 2o^(y + c). 

From the last equation we see that the maximum value of 

— is not exactly at the equivalence-point. At this point v is 

dy 

equal to c, and the left-hand member of the equation becomes 
zero, whereas the right-hand member has a finite value. Hence 
the theoretical maximum occurs before the equivalence-point. 
In cases where the titration is practicable, i.e., when K is suffi¬ 
ciently large, the difference is so small that it can hardly be esti¬ 
mated. 

_ — 4z^c 

^ ~ “ c(c -b *) -I- 2*®’ 

c — y is posUvoe. 
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At the equivalence-point, y — c, 

7-^3 = K. 

{C - *)2 

cVk 

" 1 + Vk’ 

and 

^ __Ac_^ A _ A 1 

dy c(y — c) + x(y + c) 2a:. 2 cVK 

By approximation it is possible to find a value of jc that is 
very close to the value at the maximum. 

We found above: 

4x^c 

^ ^ c(c + xy 

which is approximately equal to —. 

c 

Then we have: 

(y — c + x) X = K(c — xy «= Kc^, 
or 

* = cVk. 

At this point, it is necessary to lay stress on the fact that this 
value of X differs but slightly from that of x at the equivalence- 
point. Their ratio is only 1 + V^> our approximations, 
however, are only of the same order. We may calculate the 

exact values of y and — at * = c\/K in order to control the 
dy 

dE 

correctness of the equations, and to see whether — is larger 

dy 

than at the eqmvalence-point. 

At» — c-s/K, we have: 


y - c(l ~ 2K -H K-n/K). 
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Then we have: 

^ __Ac_ 

dy c(- 2Kc + KcVk) + cV'k{c(2 - 2Vk) + cKVk} 


cVk’2 + k + kVk - Wk 


A 

2c Vk 


1 - 2VK -t- 


K + kVk 


This value is larger than — at the equivalence-point when it is 

dy 

equal to: 

The difference is actually so small that it will not be observed. 

In order to get an idea of how x changes with y, we may 
introduce as ^-concentration a factor which expresses how much 
larger or smaller the concentration is than at the equivalence- 
point. The equivalence-concentration is given by: 


{c — xY ' C — X 

cVk 
1 -l-VK 

If we now let * = we have: 

/ . acVK \ acVK 


/ aCv K \ c 

L - 

\ 1 -I- Vk/ 


+ Vk/1 -I- Vk _ 


K-l-Ka-|-2KV^+a(VK-l-K-2KVK-2K2)+a*(K»-K) 
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Now, if a is larger than 1 (i.e., if the equivalence-point has 
not been reached) we have as a rough approximation (when K 
is smaller than 10 "^°): 


a(VK H- K) - 
aV'K(l-I-VK) 


= c(l - aVK), 


and when a < 1 , 



From the above we have, when K < 


X — Xe 
X = lOXe 
X = 100:r« 

X = OAXe 
X = .Olx^ 


y = c 

y = c{l - 10 “^) 
y = c{l - 10 ~ 3 ) 
y = cll + 10 -^) 
y = c(l + 10-3) 


From the foregoing it is evident that even in the simple case in 
which we are dealing with the reaction: 


Oxi + Red2 ^ Redi + 0 x 2 , 


we get equations which are impracticable and difficult to solve. 

The situation is much more complicated when we attempt to 
discuss the general equation: 

a Oxi + b Red2 a Redi + b 0 x 2 . 


If we consider the reaction: 


Mn04“ + 8 H+ + 5 Fe++ Mn++ + 5 Fe+++ + 4H2O, 


we have: 


[Mn04i[Fe++]s 

[Mn++][Fe+++]^ 


= (At [H+] = 


1 ). 


If the original concentration of ferrous iron is c, and if we 
add an amount of permanganate equivalent to y, we may derive 
the rdation: 

dE 


SAc 
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and the maximum is found when: 


Or: 


^{5c(y - c) + x{Sc + y)} =0. 

6cx(4tc + 2x) _ \2cx{2c + x) 

25c2 + S>cx + 2oi^ 25c2 + 9cx + 2s?' 


At the eqmvalence-point, y — c\ therefore we see that the max¬ 
imum is again located just before the equivalence-point, where 
c — y is positive. 

The mathematical equations will not be discussed in detail, 
as they are not practicable. In special instances it is better to 
calculate values of x that correspond to those of c and y^ by 
means of the value of the equilibrium constant, and to plot 

these values in a curve, from which the maximum value of — 

Ay 


may be derived. 
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GENERAL CONDITIONS FOR THE PERFORMANCE OF 
POTENTIOMETRIC TITRATIONS 

1. General Conditions which Apply to All Titrations.— 

Chemical reactions must fulfill the following conditions if they 
are to be considered satisfactory to serve as the foundations 
of titration methods: 

First: The reaction must proceed in only one manner, i.e., 
other reactions than the one indicated by the equation must 
not occur. These other (‘^side”) reactions are often found in 
the case of organic substances. A well-known example in the 
inorganic field is the oxidation of hydrazine, which may yield 
various oxidation products. Titrations of this kind only yield 
good results if we find the conditions under which the reaction 
proceeds entirely according to some special equation. 

If the reaction scheme is not a simple one, and if several 
reaction products are formed, as is the case, for example, in the 
oxidation of sugars with alkaline copper solution, the method 
may no longer be classed as one of the refined titrations of volu¬ 
metric analysis. Empirical tables must be used in place of 
stoichiometrical equations, and it is always doubtful to what 
extent foreign substances will affect the result. 

Second: The reaction must be a stoichiometric one. When 
multivalent ions unite to form a precipitate, it often happens 
that the predpitete is not of uniform co jmppdticai^. but^cg^ 
of a mixture of saRs^diff^nJ^qn^ Ttusis esgmally 

tr ue with ferrocyani de as^ reagent foiJieayy metals. We shall 
find that the precipitate contains the alkali metal. In a variable 
ratio to the amount of the heavy metal. (C/. Part III, p. 323/.) 

It often happens, moreover, that simple predpitates are not 

61 
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entirely pure, but include an excess of one of the constituent 
ions, thus causing an error in the determination. In analytical 
chemistry this error is usually attributed to “adsorption.” The 
authors wish to remark that the word “adsorption,” when so 
used, is a generic term for a number of phenomena, as, for exam¬ 
ple: mechanical inclusion; chemical adsorption (silver halides); 
physical adsorption; mix-crystal formation, etc. In a systematic 
study of the errors of titrations, it is necessary to make a special 
study in each case, in order to determine the cause of the error. 

Third: The velocity with which the state of eqvulibrium is 
reached must be sufficiently great. When the reaction velocity 
is very small the reaction can not be the basis of a practical 
titration. In many oxidation-reduction reactions, heating the 
solution has a favorable effect (imdoubtedly because the opposed 
reaction velocities are increased, thus hastening the attainment of 
equilibrium); the addition of catalysts may also have a favorable 
influence. In some instances the addition of an excess of 
reagent, and back-titration of the excess will peld good results. 

Fourth: The reaction must proceed as completely as possible 
in one direction, i.e., the equilibrium constant must be very 
small. In instances where a slightly soluble substance is formed, 
the solubility of which is too large for a direct titration, the addi¬ 
tion of an excess of the precipitating ion, followed by filtration, 
and back-titration with a suitable reagent, will yield satisfactory 
results. The addition of organic solvents, of wUch ethyl alcohol 
is the most practicable, decreases the solubility of most slightly 
soluble substances, or the ionization constant of a slightly dis¬ 
sociated substance, and therefore will, as a rule, have a favorable 
effect. Many organic anions may be determined in this manner. 

Fifth: We must have an indicator for the detection of the 
position of the equivalence-point. In potentiometric titrations 
we do not add a foreign substance as indicator, since the change 
in the electrode potential (indicator electrode) tells us when an 
equivalent amount of reagent has been added {cf. Chapters II 
and III). 

2. Special Considerationa for the Performance of Potentio- 
metric Titratiions. —^In the preceding paragraph, the term 
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indicator electrode has been used to designate the electrode 
whose change in potential is measured during the titration. 
This is the term used by Erich Muller. Now, if we are dealing 
with direct'combinations of ions, in which one or more cations, 
B, react with an anion, A, the concentration of the B-ions, as 
well as that of the A-ions, is changing rapidly in the neighborhood 
of the equivalence-point, as we have seen in the preceding section. 
In general, it is immaterial in these cases whether we use an 
electrode that changes as the B-ion concentration changes, or 
one that responds to changes of A-ion concentration. 

Let us consider, for example, the reaction: 

Ag+ -f I- Agl. 

We may use an iodine electrode as indicator, as well as one of 
metallic silver. An iodine electrode may be prepared by bring¬ 
ing a bright platinum wire or foil into contact with a little iodine. 

The potential of the silver electrode changes according to the 
relation: 

Ag ^ Ag+ -I- c; Ea* = soAg - 0.059/>Ag. 

The potential of the iodine electrode, according to: 

0.059 

la -1- 2c ?:± 2I-; Ei, = eoij -1- 2pi- = eoi, 4- 0.059/>i- 


(The solution must be saturated with iodine.) 

g 

We may write instead of [I“], where Sa,! is a constant, 

[■^8 J 

(solubility product of silver iodide). Hence the potential of 
the iodine electrode is: 


Ei, = eo' - 0.0S9/>Ag. 

Ilie potential of the iodine electrode, therefore, changes in 
exactly the same way with changing silver-ion concentration 
as the silver electrode. In fact, I. M. Kolthofi ^ has shown 
that the iodine electrode may be used for the measiur^ent 
of the concentrations of ions of metals that form sli^^tly soluble 

*1. M. Kolth(^, Rec. tnv. chim., 41, 174 (1922). 
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iodides (silver, mercury; cf. p. 191jf). In the case of the titration 
of silver witli iodide, we get the same jump in potential with 
either a silver or an iodine electrode. 

It is not always immaterial whether we use an electrode of 
B or A, however. As an illustration, let us consider the reaction; 

4Ag+ + Feoc Ag 4 Feoc.^ 

The potential of the silver electrode changes according to the 
equation: 

Fas == eoAg - 0.059^Ag. 


We obtain a ferrocyanide electrode by making an oxidation- 
reduction electrode with the addition of a little ferricyanide; 

E-«, +0.059 log 


If we keep the [Feic] constant, we may write for the electrode 
potential: 

Epeoc = ro' + 0.059/>yeoc> 


where is the ferrocyanide exponent. 

g 

In this case we may write in place of [Feoc], and we 


have: 


[Agi^ 

Freoc = eo" — 4 X 0.059/^Ag- 


From this we see that the ferrocyanide electrode changes its 
potential four times as much as the silver electrode for a given 
change in silver-ion concentration. If there were no complica¬ 
tions, the jump in potential would be four times as great with the 
ferrocyanide electrode as with the silver. 

In neutralization reactions the indicator electrode for hydro¬ 
gen ions is, at the same time, an indicator for hydroxyl ions, 

* In agreement with Erich Miiller, the authors will use the abbreviation Feoc 
for Fe(CN)6=, and Feic for ferricyanide ion. 
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because the equilibrium between the two ions is governed by the 
relation: 

[H+][OHi = K7£^. 

Hence an electrode that indicates hydrogen ions changes its 
potential in the same way as one that indicates hydroxyl ions. 

Each partial reaction in an oxidation-reduction titration is 
an oxidation-reduction system; we are restricted to the use of 
an imattackable metal—usually bright platinum—for both 
systems. 

3. Irreversibility of One of the Partial Reactions,—^As we 

have seen in the preceding paragraph, from a theoretical stand¬ 
point we may use a special indicator electrode for each partial 
reaction. Practically, however, we are restricted in our choice 
both of anion and cation electrode. When we titrate cations that 
stand above hydrogen in the electromotive force series, the cor¬ 
responding metal electrode is usually irreversible, owing to evolu¬ 
tion of hydrogen, polarization, oxidation, or passivation. The 
irreversibility is especially noticeable when the corresponding 
ion concentrations become very small. A zinc or cadmium elec¬ 
trode, for example, may be used for the measurement of higher 
concentrations of zinc or cadmium ion; these electrodes are 
impracticable for potentiometric titrations, however, since they 
become oxygen electrodes at small ion concentrations, and the 
jump m potential is in a direction opposite to that which we 
should expect.^ 

Dutoit has suggested an improvement upon the use of the 
metallic electrodes. He uses an auxiliary platinum anode and, 
as cathode, a bright platinum foil which is polarized cathodically 
during the titration, so that a fresh metal surface is continually 
formed. This method will be discussed later (p. 103). 

A lead electrode does not give reproducible values at very 
small lead-ion concentrations. Therefore, if we wish to titrate 
lead with ferrocyanide, we can not use a lead electrode, but must 
employ a ferrocyanide electrode. The latter may be prepared 
as described in §2, by adding a little ferricyanide to the solution, 

•Cy., for example, Hedrich, Dissertation, Dresden (1919); Eiich Miiller, 
Die Elektrometrische Massanalyse, 2d Ed. (1923), p. 44. 
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and taking bright platinum as the electrode material, 
rial is governed by the equation; 


E 


Co + 0.059 log 


[Feic] 
[Feoc]' 


Its poten- 


In the titration of lead with ferrocyanide, we have the 
reaction: 

2Pb++ + Feo(^ ^ Pb2Feoc, 

and 


[Feo(^ 


Spt>2Feoo 
[pb + +J2* 


Upon introducing this value, and taking [Feic] as a constant, we 
have: 

Epeoc = so^ — 0.059 X 2^pi,. 


Therefore, the ferrocyanide electrode responds to the concen¬ 
tration of lead ions. This is of great practical importance. If 
we have a mixture of ferricyanide and lead ferrocyanide in 
contact with platinum, the system behaves both as a lead and 
as a ferrocyanide electrode. 

Let us consider the case of the titration of a lead salt with 
sulphate, or the reverse. There is no satisfactory electrode 
for sulphate ions, nor can we use the lead electrode. The 
ferricyanide-lead ferrocyanide electrode is useful in this instance, 
because it changes its potential with the variations of the lead- 
ion concentration. As far as the authors are aware, this prin¬ 
ciple has never been used for the determination of sulphate.'* 

The authors desire to suggest that electrodes of the tsrpe 
discussed above open a wide held of application in potenriometric 
titrations, for those instances in which we have no direct electrode 
for either partial reaction. The Feic-PbzFeoc electrode, for 
example, might be useM in the titration of lead with chromate, 
carbonate, etc., provided the reaction of lead with these anions 
occurs without side-reactions. It might also be possible to use 

preliminaty investigation, made by Koltboff, and hitherto unpublished, 
proved that this method yields excellent results. In aqueous solutions it takes a 
long time for the equilibrium to become established; in the presence of akohd a 
satisfactoiy deteimination may be made in a few minutes’ time. 
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a ferricyanide-zinc ferrocyanide electrode as an indicator for 
zinc ions, etc. Or an iodine-silver iodide electrode may be used 
for silver ions. Kolthoff proved (1922) that Cl“ could be 
titrated with silver nitrate vdth the I 2 -Agl electrode. 

Turning our attention once more to the Feic-Pb 2 Feoc elec¬ 
trode, we find that we may have three different cases in titrations; 

a. The solubility of the lead salt which is formed is much 
greater than that of lead ferrocyanide. Obviously, the solu¬ 
bility must not be too great or there would be no jump in poten¬ 
tial. {Cf. Chapters II and III.) 

Now, if we titrate the lead salt with an anion such that the 
solubility of the salt which is formed is much greater than that 
of lead ferrocyanide, the break in potential at the equivalence- 
point corresponds exactly to that which we find by calculation 
from the solubility product of the slightly soluble lead salt, and 
the electrode behaves as a lead electrode (with the additional 
advantage that its potential changes four times as rapidly, with 
the lead-ion exponent, as does that of the lead electrode). 

h. The solubility of the lead salt which is formed is of the 
same order as that of lead ferrocyanide. In this case the lead 
salt PbA will be precipitated imtil the equivalence-point is 
reached. An excess of the anion A” will depress the solubility 
but it may also react with the lead ferrocyanide: 

2A" -f- Pb 2 Feoc ^ 2PbA -|- Feoc^. 

As long as PbA and Pb 2 Feoc are present as insoluble com¬ 
pounds, we have: 

[Pb++][A-] = [Pb++] = ^ 

[Pb++]2[Feo<^] = lPb++] = 

From which we have: 

_ [A-p 

Spb,p«» [Feo<^- 

We can calculate from this ratio how much of the excess of 
A“ is transformed into PbA, and how large [Feoc^] will be. 
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We can also calculate the jump in potential that will occur when 
the equivalence-point is passed. This break in potential will be 
of the same order as in the titration of lead with ferrocyanide, 
when both lead salts, PbA and Pb 2 Feoc, have solubilities of the 
same order. 

c. The solubility of the lead salt formed is much smaller 
than that of Pb 2 Feoc. In the titration of a lead solution with 
A", PbA will be first precipitated up to the equivalence-point. 
An excess of A“ will react with the Pb 2 Feoc until equilibrium 
prevails, as we have seen in section ft, above. But the condi¬ 
tions are now such that [A“] will remain very small as long as 

jg2 

solid Pb 2 Feoc is present. The term —in the equation 

Spb2Feoc 

derived above, is very small, because the solubility of PbA is so 
small compared with that of Pb 2 Feoc. Hence, after the equiva¬ 
lence-point has been reached, an excess of A"" will react almost 
quantitatively according to: 

PbgFeoc -f- 2A- 2PbA + Feoc^. 

When all of the Pb 2 Feoc has reacted in this way we have a 
second jump in the potential, the magnitude of which is only 
dependent upon the solubility product, Spb^peoc* 

Hence, when we titrate a lead salt with an anion which 
forms the salt PbA, the solubility of which is much less than that 
of Pb 2 Feoc, we observe two breaks in the potential. The first 
corresponds to the point where all of the lead is transformed into 
PbA; this is the real end-point in the present instance. The 
second break corresponds to the point where all of the lead ferro¬ 
cyanide is transformed into PbA. The amoimt of reagent 
needed between the two potential jumps is equivalent to the 
amount of lead ferrocyanide present. 

If we are carrying out the reverse titration, that of a solution 
of A- with a lead solution, xmder the conditions mentioned, the 
excess of A“ that is present in the solution at the beginning of 
the titration will react with the Pb 2 Feoc, to form an amount 
of Feo<^ equivalent to the quantity of PbaFeoc added. After 
the first break in potential has been reached, a further addition 
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of lead salt causes the formation of Pb 2 Feoc. When this has 
taken place quantitatively, a second jump in the potential 
occurs, which corresponds to the end-point of the titration. In 
the latter case it is more practical to use a Uttle of a highly 
soluble ferrocyanide, as K 4 Feoc, rather than lead ferrocyanide, 
in the construction of the electrode. Under these conditions, the 
first break in potential corresponds to the end-point of the 
titration. 

In many oxidation-reduction reactions, the electrode is not 
reversible for one of the partial reactions. This is the case, for 
example, in the titration of sodium thiosulphate, or sulphite, 
with iodine: 

SO 3 - + I 2 + H 2 O SO 4 - + 2H+ + 2I~. 

With the partial reactions: 

SO 3 - + H 2 O ^ SO 4 - + 2H+ + 2e, 

and 

I 2 + 2e 21- 

The sulphite-sulphate electrode is not reversible. The same 
is more or less true of the thiosulphate-tetrathionate electrode.® 
It is not yet clear why these electrodes are not reversible; prob¬ 
ably the reactions that are represented by the equations do not 
take place directly, but by way of intermediate steps. 

Nevertheless, reactions of this sort may be used for poten- 
tiometric titrations if one of the partial reactions is reversible, 
which is true of the iodine electrode in the present example. 
It is not possible, however, to calculate the jump in potential 
in the vicinity of the equivalence-point. It must be decided 
empirically whether such a titration is possible or not. 

Sometimes the platinum electrode is not affected at all by 
a reductant. It then behaves more or less like an oxygen 
electrode. We meet this case in the titration of an oxalate with 
permanganate in acid solution. The potential does not change 
to an appreciable extent before the equivalence-point is reached. 

*(y., however, J. Scheffer and F. Bdhm, t)ber das Reduktionspotential des 
Thiosulfates, Z. Elektrochem., 85, 484 (1929). 
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In this case it is not possible to calculate the equivalence-poten¬ 
tial, Ee; it can only be determined m an empirical way. 

Finally, it should be noted here that many oxidation-reduc¬ 
tion reactions do not take place exactly according to the equa¬ 
tions that are given for them. For example: 

Cr 267 " + 14H+ + 6e*:i 2Cr+++ + 7 H 2 O. 

According to the equation, the potential of the chromic acid- 
trivalent chromium electrode is: 


E 


60 + 


0.059, [Cr207i[H+]i^ 

— iog"lc,;v*p.• 


In fact, however, the chromic-ion concentration has but little, 
if any, influence on the potential of this electrode. 

The same holds true for the permanganate potential: 

^ . 0.059, [Mn04i[H+]8 

E.e. + —log . . 

This equation does not express the real conditions, because of 
the reaction between permanganate and manganous ions. 

We must therefore be cautious in the application of theo¬ 
retical considerations in cases where the electrode reactions are 
not quite reversible. The experimental results must then be 
the basis of the decision as to whether the titration is possible 
or not. The theoretical considerations can be applied only in 
cases where the electrode reaction is strictly reversible. 



Part II 


THE TECHNIQUE OF POTENTIOMETRIC 
TITRATIONS 


CHAPTER V 

THE CLASSICAL POTENTIOMETRIC METHOD 

1. Outliae of the Potentiometric Method.—We have no 
reliable and simple means of measuring a single potential differ¬ 
ence. We may, however, measure the potential of an electrode 
by means of another electrode which has a constant potential 
(a so-called standard half-cell). By connecting the two elec' 
trodes a cell, or element, is built up the electromotive force 
(E.M.F.) of which we are able to measure. The change in the 
E.M.F. during a potentiometric titration is exactly equal to the 
change of the potential of the indicator electrode, because the 
reference electrode has a constant potential. 

The method that is usually employed in the measurement 
of the electromotive force of a cell is the Poggendorf-Du Bois- 
Raymond method, or, in other words, the potentiometer method. 
In principle it consists in balancing the potential difference that 
is to be measured against a known opposed potential difference. 
When the unkn own is balanced in this manner, no current can 
flow from it through a current-indicating instrument such as 
a galvanometer. 

The principle may be illustrated by the arrangement shown 
in Fig. 16. S is a battery having an E.M.F. greater than that 
of the unknown cell, X, the E.M.F. of which is to be determined. 
A common accumulator or some dry cells are generally very suit¬ 
able as sources of current, S. SA and SB are thick copper of 
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of negligible resistance. AB is a slide wire of strictly uniform 
cross-section throughout its length (a wire of the kind which is 
used, for example, in measurements of electrical conductance). 
Hence, there is a uniform fall of potential from A to B. 

The contact, C, which slides along the wire AB, is so con¬ 
nected to the unknown element, X, that the positive pole of the 
battery corresponds to the positive pole of X. The negative 
pole of X is connected to B, the negative pole of the battery. 
When we consider the circuit CXGB we have two different elec- 



Fig. 16.~Principle of the potentiometer. 

S, storage battery. G, galvanometer. 

AB, slide wire. X, cell of unknown E.M.F. 

C, sliding contact. 


tromotive forces, namely, Eob between C and B, and that of 
X, which furnish current in opposite directions. C is now moved 
along AB imtil the null-point instrument, G, indicates that no 
current is flowing through CXGB. Under these conditions the 
E.M.F. of X is equal to Ecb- 

Since the wire AB is of uniform section, the difference in 
potential between A and B is equal to: 



E, 


where E is the electromotive force of the battery. — is the 

AB 

ratio between the resistances of BC and AB. When we are work- 
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ing mth a slide wire this ratio is equal to that of the lengths of 
BC and AB. K the total length of AB is equal to 1000 nun. (or 
other units of length) as is usually the case, then for e, the 
unknown E.M.F. of X, we have: 

e = -^E = -^E, 

if a is the value read on the slide wire. E is unknown in this case, 
but it may be determined easily by switching X out of the cir¬ 
cuit and putting in its place a standard cell of known E.M.F. 
(such as a Weston cell or cadmium normal element. C/. p. 74). 

For practical potentiometric titrations it is not necessary 
to know the value of E, provided it remains constant during the 
titration, because we only wish to determine the changes in e. 
Hence it is sufficient to determine the values of BC, or a, during 

BC 

the titration, or to calculate the ratio, —, between the resist- 

AB 

ances. If, however, it is desired not only to determine the 
position of the equivalence-point, but also to study the data 
of the titration curve from a theoretical point of view, the 
authors suggest that the real value of e should be included in 
each new description of a potentiometric titration. 

2. General Equipment for Potentiometric Measurements.— 
The storage battery, or accumulator, is a convenient and reliable 
source of current for the potentiometer. When it has been 
discharged to an E.M.F. below 1.9 volts it must be recharged. 
The ordinary direct-current lighting system may be used for 
recharging if proper resistance be placed in series with the bat¬ 
tery {cj. text-books on electrochemistry). If a lighting circuit 
that delivers alternating current is used for this purpose, a rec¬ 
tifier is necessary. Tliere are cheap and convenient types of 
rectifiers available for charging accumulators. It should be \ 
remembered that a fre^y charged accumulator changes its 
E.M.F. a little during the ^t minutes of its discharge, lliere- 
fore, it is recommended that the accumulator be allowed to dis- 
chmge for a period of about ten minutes or longer before it is used 
the potentiometer system. 
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HflTgSO^ 



Any other storage cell (or dry cell) of suflScient capacity and 
fairly constant E.M.F. may be used instead of a lead accumu¬ 
lator. 

Standard Cells ,—^The Weston cell is usually used as a standard. 
The construction of this cell is illustrated in Fig. 17. The 

normal Weston cell contains 
a solution of cadmium sulphate 
which is saturated at all temper¬ 
atures at which the cell is used; 
the cell should therefore contain 
crystals of the sulphate. The 
ordinary commercial cell, some¬ 
times called the Weston portable 
cell, has a cadmium sulphate 
solution which is saturated at about 4° C. The positive pole of 
the cell is of pure mercury and is covered with a layer of a 
paste of mercurous sulphate intimately mixed with mercury. 
The negative pole is composed of an amalgam containing 12.5 
per cent of cadmium by weight. The amalgam is formed by 
heating mercury over a steam bath and stirring in the cadmium. 
For the purification of the different materials and the prepara¬ 
tion of the Weston cell, see W.M. Clark^ and Ostwald-Luther.^ 
The temperature coefficient of the normal Weston cell, which 
contains an excess of cadmium sulphate crystals, is very small. 
The E.M.F. is 

1.01830 + 0.00004(20 - f), 


Fig. 17.—^Weston standard cell. 


between 15° and 25°.. 

A thorough study of the imsaturated cadmium cell—^its 
preparation, temperature coefficient, etc., has been made by 
Vosburgh and Eppley.^ They find that the cell, when cali¬ 
brated against the normal Weston cell (saturated), makes a con- 

^W. M. Clark, The Determination of Hydrogen Ions, 3d Edition, Williains 
and Wilkins Co., Baltimore, Md., 1928. 

* Ostwald-Luther, Physiko*Cheinische Messungen, 3d Edition, 1910 and 1922, 
p. 419; R. Luther and K. Drucker, Akad. Verlagsges. m. C. H., Leipzig. 

•Vosburgh and Eppley, J. Am. Chem. Soc., 46, 2268 (1923); 46, 104 (1924); 
J. Dpt. Soc. Am. and Rev. Sci. Insts., 9,65 (1924). Vosburgh, J. Am. Chem. Soc., 
47, 1255 (1925); J. Opt. Soc. and Rev. Sd, Insts., 11, 59 (1925). 
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venient standard of E.M.F. whose value remains constant to 
0.02 per cent for years, with proper care. The chief advantage 
of the cell is that its temperature coefficient is practically negligi¬ 
ble, being less than —0.00001 volt per degree. 

The standard cells have a small resistance, and have to be 
handled with care in order to prevent 
polarization phenomena. 

Null-point Instruments .—The fin¬ 
est and most sensitive nullpoint in¬ 
struments are not required for the 
purposes of potentiometric titrations, 
because the measurements are com¬ 
paratively rough. A deflection of one 
millimeter for one megohm (one 
million ohms) and an E.M.F. of one 
volt is generally sufficient. The well- 
known d^Arsonval galvanometer is 
not a practical instrument for these 
measurements. 

, Fig, 18. — Portable I^eds and 

a. gdvafumeter IB a. current- Northrup galvanometer, 
indicating instrument which usually 

consists of a coil of wire in the magnetic field of a strong 
permanent magnet. This coil is introduced into the circuit 
In which the presence or absence of current is to be detected. 
A current flowing through the turns of the suspended coil pro¬ 
duces a magnetic field which, by its interaction with the field of 
the permanent magnet, tends to turn the coil so that it will 
embrace the maximum number of lines of force. 

A small portable galvanometer, such as is furnished by 
The Leeds and Northrup Company (Fig. 18), will serve for most 
titrations. The sensitivity of this inexpensive galvanometer is 
such that the current at one volt, acting through a resistance of 
one megohm, causes the pointer to move one miUimeter over 
the scale. The resistance of the instrument is about 225 ohms, 
and its period is about 2.5 seconds.^ 

* See catalogues of The Leeds and Northrop Company in which similar kinds 
of galvanometers of various sensitivities are described. 
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For the titration of very dilute electrolytic solutions, which 
have a rather high resistance, the sensitivity of this instrument 
is not high enough. The portable lamp and scale ’’ galvanom¬ 
eter of The Leeds and Northrup Company will usually serve. 
This instrument is illustrated in Fig. 19. Its sensitivity is 
twenty times greater than that of the simple instrument. The 

“ type P galvanometers of 
The Leeds and Northrup Com¬ 
pany are very easy to set up, 
are much more sensitive, and 
are also quite cheap. 

If the circuit has a very 
high resistance, as in the meas¬ 
urement of the E.M.F. of solu¬ 
tions of low conductivity (pure 
water, organic solvents), or in 
the use of electrodes of high 
electrical resistance {cf, the 
glass electrode, p. 247), a quad¬ 
rant or binant electrometer 
must be used. (A thermionic 
voltmeter may also be used for circuits of high resistance. See 
pp. 132-137 for details.) Current does not flow through the 
instrument during the measurement, but only enough is drawn 
to charge the quadrant couple of the static instrument. Price 
lists of manufacturers of electric instruments give particulars 
regarding the sensitivity and handling of these galvanometers 
and electrometers. 

b. The capillary electrometer is an instrument that indicates 
a difference of potential between its poles. It has the advan¬ 
tage of being very inexpensive. The Ostwald-Luther type, 
which is in common use, is illustrated in its practical form in 
Fig. 20.® Clark gives the following description; 

‘‘The capillary electrometer depends for its action upon the 
alteration of surface tension between mercury and sulphuric acid 

•Partly taken from Erich Miiller, Die elektrometrische Massanalyse, p. 4. 
Cf, also W. M. Clark (loc, cU,)\ and Ostwald-Luther Qoc, cU,), 



Fig. 19,—Leeds and Northrup lamp and 
scale galvanometer. 
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with alteration of potential difference at the interface. Platinum 
contacts are sealed into two test-tubes and the tubes are joined 
together by a capillary, K, of about 1 mm. diameter. After a 
thorough cleaning, the instrument is filled as illustrated with clean 
distilled mercury, sufficient mercury being poured into the left 
tube to bring the meniscus in the capillary near a convenient 
point. In the other 
tube is placed pure 10 
per cent sulphuric 
acid. The air is forced 
out of the capillary 
with mercury imtil a 
sharp contact between 
mercury and acid is 
obtained in the capil¬ 
lary.’’ The instru¬ 
ment is now mounted 
before a microscope, 
or powerful lens.® The 
latter suffices for most 
practical purposes. 

‘‘Thedefinition of the 
mercury meniscus is 
brought out by ce¬ 
menting a cover glass 
to the capillary with 
Canadabalsam.” (See 
Fig. 20.) 

“An important 
feature in the use of 

thecapillaryelectrom- 20 .—Capillary electrometer with microscope, 

eter is its short- 

circuiting between measurements.” This is done by the 
key illustrated in Fig. 20. “Tapping down on the key 

*E. Mislowitzer, Die Bestimmung der WasserstoiBonenkonzentration von 
Fliissigkeiten, Berlin, 1928, projects the image of the mercury meniscus upon a 
screen and obtains high magnification. 
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breaks the short-circuit and brings the terminals of the elec¬ 
trometer into circuit with the E.M.F. to be balanced. If the 
E.M.F. is out of balance, the potential difference at the mer¬ 
cury-acid interface causes the mercury to fall or rise in the 
capillary. Releasing the key short-circuits the terminals and 
allows the mercury to return to its normal position. Adjust¬ 
ment of the potentiometer system is continued till no movement 
of the mercury can be detected.” 

When the capillary electrometer has been switched into the 
circuit for too long a time, polarization may occur, with the 
formation of fine gas bubbles in the capillary. In this case 
a fresh contact must be secured between the mercury and the 
acid in the capillary, by inverting the apparatus. As a result 
of this manipulation, the mercury streams through the capillary, 
breaks suddenly, falls, and forms a fresh surface. A fresh surface 
must also be made in cases where the surface between mercury 
and acid has become dirty, as this condition makes it impossible 
to see a sharp change in the meniscus when there is only a small 
potential difference. Sometimes it is advantageous to use a 
small 2-volt lamp behind the electrometer for clearer observation 
of the surface in the capillary. 

The sensitivity depends mainly upon the size of the capillary, 
which should be of uniform bore. In a systematic study, H. 
Menzel and F. Kruger ^ recommended a tube of 0.8-mm. diam¬ 
eter, and that 2 N sulphuric acid be used. They reject the sealed 
form in order to be able to purify the contacts between the mer¬ 
cury and the platinum electrode wires in the electrometer, and 
prefer glass tubes, open at the end, which can be closed by ground- 
glass stoppers or rubber caps. The differential mercury capillary 
electrometer, as developed by Erich Muller,® which permits an 
easier reading by using a double capillary effect, has not proved 
to be a very practical instrument in the hands of one of us 
(Kolthoff). 

The ^'Unknouun** Cell .—This is built up of the unknown 

’ H. Menzel and F. Kriiger, Z. Elektrochem., 82, 93 (1926). 

■ Erich Miiller, Die elektrometrische (potentiometrische) Massanalyse, p. 70. 
Th. Steinkopf, Dresden, 1926. 
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indicator electrode and a standard half-cell. The shape and 
material of the indicator electrode depend upon the kind 
of ion of which the concentration is to be determined. A more 
detailed survey of indicator-electrodes is given in the section 
entitled Practical Applications.^’ (C/. p. 144jf.) 

Calomel Electrodes .—These are generally used as standard 
half-cells.® A calomel electrode is one in which mercury and cal¬ 
omel are overlaid with a potassium chloride solution of definite 
concentration. The mercury and calomel must be as pure as 
possible {cf. the corresponding chapters in W. M. Clark, loc. 
ciL). A layer of the pure mercury is placed on the bottom of the 
electrode vessel, and upon this is put a layer of mercury and cal¬ 
omel paste in the potassium chloride solution. This mixture may 
be obtained by rubbing the mercury and calomel together in a 
mortar so that the mercury is in a very finely divided state, and 
the mixture has a black or grayish-black appearance. The mix¬ 
ture is washed several times with the potassium chloride solu¬ 
tion with which the vessel is to be filled. After the last 
decantation the mixture is placed upon the mercury layer in the 
vessel. 

The best method for the preparation of the mixture of cal¬ 
omel and mercury is the electrolytic one devised by Lipscomb 
and Hulett and simplified by W. W. Ewing.^^ 

The potassium chloride solution, with which the electrode 
is filled, must be saturated with calomel. Therefore, it is recom¬ 
mended that this solution be shaken with the mercury-mercurous 
chloride paste for some time. W. M. Clark, in his excellent 
book, gives descriptions and illustoHons of the different calomel 
electrode vessels that have been described in the literature. 
This standard work may be consulted for further details. For 
practical work in potentiometric titrations, the authors prefer 
the simple form that is used by Erich MullerKolthoff has 

*Stig Vdbel, J. Chem. Soc., 123, 2203 (1923), recommends the use of the 
quinhydrone electrode in 0.01 N hydrochloric acid and 0.09 N potassium chloride 
as a reference electrode. 

G. T. Lipscomb and G. A, Hulett, J. Am. Chem. Soc., 88, 22 (1916). 

« W. W. Ewing, J. Am. Chem. Soc., 47, 301 (1925), 

Life. cU.t Die elektrometrische Massanalyse. 
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used this vessel for several years, and considers it the most con¬ 
venient one for potentiometric titrations. 

C. E., the calomel electrode, is a wide-mouthed bottle. A layer 
of mercury about 0.5 cm. deep is put on the bottom; above this 
is placed the mercury-calomel paste, and the bottle is filled with 
the potassium chloride solution, saturated with calomel. The 
bottle is closed by a two-holed rubber stopper. Through 
one of the holes passes a capillary tube partly filled with 
mercury; a platinum wire is sealed in at the bottom of the tube. 
A copper wire, which makes contact with the circuit, dips into 
the mercury in the capillary. The capillary is so placed that 

the platinum wire dips into the 






Har.Cla 



mercury of the electrode. 

Through the other hole of 
liubber the stopper passes the siphon, 
which makes electrolytic con¬ 
tact with the solution to be 
titrated. The latter is placed 
in a beaker. The siphon is 
made of two glass T-tubes 
which are joined by a rubber 
tube at H, and also by a longer 
rubber tube at I. The two 
K “p tubes are closed at the bottom 

Muller. hy plugs of filter paper and are 

then filled up with saturated 
potassium chloride solution, so that there is contact between 
the left and right legs. The plugs are made of high-grade 
filter paper, which is moistened with the potassium chloride 
solution, rolled between the fingers, and pressed into the tubes. 
In this way there is practically no leakage or diffusion of solution 
from the tubes to the liquids in the electrode bottle or beaker, 
respectively. If the filter paper is well pressed in, the siphon 
may be kept for several weeks before it needs to be refilled. 

The double T-tube siphon is very useful if titrations have 
to be made at elevated temperatures (60° or higher). Otherwise 
it is mudi simpler to use a narrow tube bent in a U shape, and 
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filled with an aqueous solution of potassium chloride and agar. 
Thirty grams of potassium chloride, 3 g. of agar and 100 cc. of 
water are gently heated, with stirring, until a homogeneous 
solution is obtained, and the heating is continued until the solu¬ 
tion is clear and no small air bubbles are perceptible. The warm 
solution is sucked into the tube by fitting a rubber tube over one 
of the ends of the siphon. The solution forms a stiff gel upon 
cooling. The gel has a high conductivity and eliminates the 
slow establishment of a steady potential that occurs when the 
ends of the siphon are filled with filter paper. When not in use, 
the ends of the siphon are kept in a saturated solution of potas¬ 
sium chloride. In this way no evaporation of the^ water takes 
place at the terminals, and no air bubbles, which might cause high 
resistance, are introduced. If 
the gel dries out at the ends of 
the tube, the siphon must be 
refilled. However, by keeping 
it in the saturated potassium 
chloride solution, this danger 
is overcome, and the siphon is 
always ready for use. 

Another calomel electrode, 
of convenient shape, which 
may be placed directly in con¬ 
tact with the solution to be 
titrated, without the use of a 
salt bridge, has been described 
by C. J. SchoUenberger.^^ 

Fr. L. Hahn and G. Weiler^^ 
make use of the sintered glass 
disks as manufactured by the 
Jena Glaswerk Schott and Gen (Germany). The form that 
they use is shown in Fig. 22, Two porous glass filters (G 2 < 7) 
and G3<5 of larger pore size) protect the interior of the 
calomel electrode from contamination. The use of a special salt 
bridge is avoided in this way. 

” C. J. Schollenberger, J. Ind. Chem., 17, 649 (1925). 

Fr. L. Hahn and G. Weiler, Z. analyt. Chem., 69, 417 (1926). 



Fig. 22. —Calomel electrode of Hahn 
and Weiler. 

G 2 < 7 is a porous (Jena) glass filter. G 3 < 5 
is a glass filter of different pore>diameter. 
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In titration with, or of, silver and mercury salts, it is recom¬ 
mended that the siphon be filled with potassium nitrate or sul¬ 
phate, or with ammonium nitrate, rather than with potassium 
chloride solution. When the calomel electrode is not in use, the 
hole through which the siphon passes is closed by a small rubber 
stopper in order to prevent evaporation of the solution in the 
vessel. 

As far as practical titrations are concerned, we may leave the 
liquid-junction potentials out of consideration. In practice, four 
different calomel electrodes are used, i.e., they are filled, respec¬ 
tively, with potassium chloride solutions of four different con¬ 
centrations. On the reproducibility of these electrodes the 
reader is referred to W. M. Clark, loc. cit,, where a full discussion 
of the literature is given. 

It may be mentioned here that the calomel electrodes keep 
their potential constant only if kept at constant temperature. 
In a systematic study, I. M. Kolthoff and F. Tekelenburg 
showed that a calomel electrode is very slow in attaining its con¬ 
stant potential if brought from a higher to a lower temperature. 
Probably the equilibrium between metallic mercury, mercurous 
and mercuric ions, 

Hg + Hg++ Hg2++, 

is different at different temperatures, and the condition of equi¬ 
librium is reached slowly. 

Since all of our standard values are referred to the normal 
hydrogen electrode, it is of importance to know the potential 
difference between the different calomel electrodes and the normal 
hydrogen electrode. The following values are taken from the 
data given in Clark’s book and the excellent paper of S. P. L. 

0.1 N calomel electrode—N hydrogen electrode: — 0.3380-4-0.00006(/—18) 

1.0 N calomel electrode—N hydrogen electrode: —0.28644*0.00024(/—18) 

3.5 N calomel electrode—N hydrogen electrode: —0.25494-0.00039(/—18) 
Saturated calomel electrode—N hydrogen electrode: —0.25044-0.00065(/—18) 

** I. M. Kolthoff and F. Tekelenburg, Kon. Akad. Wetenschappen, Proc., 29, 
?66 (1926). 
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Sorensen and K. Linderstrom-Lang.^® 0.1 N means that the 
electrode is filled with 0.1 N potassium chloride solution, etc. 

From this table one might get the impression that the tem¬ 
perature coefficient of the 0.1 N calomel electrode was the small¬ 
est, and that the temperature coefficient increased with increasing 
potassium chloride concentration. This is not true, because we 
are not considering the calomel electrode alone, but rather cells 
which include the normal hydrogen electrode. Hence, the 
temperature coefficient of the cell is the algebraic sum of those 
of the two electrodes. From the measurements of Sorensen 
et al. (loc. cit) we know that the temperature coefficient of the 
hydrogen electrode is —0.00085.^^ Introducing this value, we 
obtain the following temperature coefficients: 

0.1 N calomel electrode, 0.00079 

1.0 N calomel electrode, 0.00061 (Richards, 1897) 

3.5 N calomel electrode, 0.00046 
Saturated calomel electrode, 0.00020 

The authors generally use the normal calomel electrode as 
a reference electrode, and they always refer the values of the 
electromotive force for the titration curves to this electrode 
unless they make a special note to the contrary. By means of 
the above data these values may be readily recalculated to the 
basis of the normal hydrogen electrode. 

Instead of using the calomel electrode, T. R. Ball employs a 
glass tube into which a fine thread of acid-washed long-fiber 
asbestos is inserted. The tube is filled with a suitable elec¬ 
trolyte, and air pressure is applied to the open end until a drop 
of the liquid is forced through the asbestos. Connection to the 
potentiometer is made by a platinum wire inserted in the elec¬ 
trolyte. Three normal sulphuric acid was used as the electrolyte 
for oxidation-reduction reactions in acid solution, and normal 

S. P. L. Sorensen and K. Linderstrdm-Lang, Compt. rend, du Lab. Carlsberg, 
16 (1924). On the saturated electrode, cf. W. W. Ewing, J. Am. Chem. Soc., 
47, 301 (1925), For literature references see I. M. Kolthoff, Chem. Weekblad 
(1925). 

C/. also I. M. Kolthoff and F. Tekelenbuig, Kon. Akad. Wetenschappen, 
Amsterdam, Proc., 29, 766 (1926). 

« T. R. BaU, Ind. Eng. Chem., 19, 370 (1927). 



84 


THE CLASSICAL POTENTIOMETRIC METHOD 


potassium chloride for acidimetric titrations. It is our opinion 
that the use of this reference electrode has no advantages over 
the simple calomel electrode (bottle model—E. Muller) if the 
connection is made by a siphon tube filled with KCl-agar gel. 

N. H. Furman has shown that the calomel electrode may be 
replaced in many oxidation-reduction titrations by an amal¬ 
gamated gold wire, which serves as a nearly constant calomel 
electrode if chloride is present, or as a mercurous sulphate elec¬ 
trode in the presence of sulphate ion. 

In a very simple way H. H. Willard and A. W. Boldyreff 20 
have avoided the use of a specially built half-cell. A clean 
bright platinum wire, immersed in any standard solution (oxidiz¬ 
ing or reducing agent, acid or alkali, or a 
precipitating agent), will rapidly assume a 
perfectly definite potential. A very satis¬ 
factory electrode is obtained by sealing a 
piece of smooth platinum wire into the tip 
of the burette, below the stop-cock {cj. Fig. 
23), An electrical connection with the in¬ 
dicator electrode is established by dipping 
the tip of the burette into the solution to 
be titrated. The tip of the burette is bent 
and drawn out in order to keep the burette 
out of the way, and to minimize the diffusion 
at the point of contact of the solutions. The 
error due to diffusion is negligible, according 
to Willard and Boldyreff, as far as reaction 
Fig 23.—Burette elec- inside and at the tip of the burette is con- 

Boldyreff. cerned, because the tip is flushed out during 

each successive addition of the reagent, and 
because the concentration of the ion which is being titrated 
is being constantly diminished, and becomes vanishingly small 
near the end-point. 

3. The Potentiometer System. —(a) In the discussion of the 
principle of the potentiometric method {cf. Fig. 16, p. 72) AB 

“ N. H. Furman, J. Am. Chem. Soc., 50, 268 (1928). 

H. H, Willard and A. W, Boldyreff, J: Am. Chem. Soc., 61,471 (1929). 




THE POTENTIOMETER SYSTEM 


85 


represents a slide wire such as is used in conductivity work. 
Such a slide wire, with its rather low resistance, can not be 
recommended for very accurate measurements. It is more than 
sufficient for our titration work, since we wish to know the change 
of the potential during the titration, and a small error in the abso¬ 
lute value of the E.M.F. is without influence on the result. There¬ 
fore, one of the authors (Kolthoff) often used a slide wire—^not 
the ordinary one, but the so-called Walzenhrilckc (cylinder 
bridge) of Kohlrausch. This instru¬ 
ment is very convenient and occupies 
little space. In this case the wire is 
of considerable length and is wound 
on a drum of hard rubber or other in¬ 
sulating material. Sliding contact is 
effected by means of a small roller 
which travels along the wire. When 
the system is balanced, the E.M.F., 
of the unknown element is: 

^ looo®’ ^ 

where a is the value read on the wire 
and E is the E.M.F. of the battery. ^ ^ ,, , , 

^ , . - IiG. 24.—Ostwald decade 

By placing a resistance between one rheostat. 

of the ends of the bridge and the bat¬ 
tery and switching in the standard cell, it is easy to adjust E at 
2 volts; under these conditions we have: 

e == a X 2 millivolts.^^ 

(J) Instead of the slide wire, Erich Muller prefers the use of 
the Ostwald ‘‘decade” rheostat. This apparatus has been 
described by Ostwald and Luther.^^ The instrument is illus¬ 
trated in Fig. 24. 

It is of practical convenience to have a total resistance of 1000 

^ Cf, also Roberts, J. Am. Chem. Soc., 41, 1358 (1919). 

** Erich Miiller, Die elektrometrische Massanalyse, 2d Ed., p. 3. 

** Ostwald-Luther, Phs^siko-Chemische Messungen, p. 427. 
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ohms. By means of two plugs, S, resistance may be switched 
into the side circuit until the system is balanced. If this resist¬ 
ance is equal to a, we again have: 


(c) For work of a high order of accuracy, two precision 
resistance boxes, each with a total resistance of about 10,000 
ohms, can be used. In order to keep the current constant, .any 
resistance removed from one of the boxes is added to the 
other, and conversely. In this case the total resistance is 
always constant. 



Fig. 25.—Principle of llie potentiometer. 

(d) The use of the so-called potentiometers is of great 
practical advantage. From a didactic standpoint they have the 
disadvantage of giving E.M.F. readings without forcing the 
student to understand what he is doing. On the other hand, the 
convenience of these instruments is so great that they usually 
find a place in all laboratories for electrometric work. A descrip¬ 
tion of the ^‘students’ potentiometer'^ of The Leeds and 
Northrup Company is given below. This instrument is of 
sufl&cient accuracy for all titration work. The authors can not 
recommend the same company's much more accurate type-K 
potentiometer for work of this kind, as it is too sensitive. The 

The Leeds and Northrup Company, Bulletin No. 765. 
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principle of the instrument was discussed in § 1; it is represented 
diagrammatically in Fig. 25. Rheo is a resistance box. 

Figure 26 gives the complete wiring diagram of the student’s 
potentiometer. The essential part of the instrument consists 
of twenty-two 100-ohm coils, in series with which is an extended 
slide wire having a resistance of 100 ohms. One contact point 
is so arranged that it can make contact between any two of the 
100-ohm coils, and a second point can be brought into contact 
with any point on the wire. The terminals of the total resistance 
of 2300 ohms are brought out to a pair of binding posts. The 
scale of the extended wire is divided into 1000 equal parts. 


Ba. -f- Rheo. + E.M.P.— 



Fig. 26.—Leeds and Northrup students’ potentiometer. 


A second pair of binding posts leads to the two sliding contacts. 
The resistance box (Fig. 27) is an auxiliary apparatus which has 
a resistance of at least 1000 ohms, variable in steps of 1 ohm.*® 
Instead of a resistance box, two ordinary cheap slide-wire rheo¬ 
stats, one of about 1000-2000 ohms and the other for the finer 
adjustment of 10-30 ohms, may be used. The system is roughly 
balanced with the rheostat of large resistance, and the finer 
adjustment is made with the other. Two dry cells in series are 
used as the source of current. 

To make a reading, set the potentiometer switches to corre- 

Special regulating resistances may be obtained which are less expensive than 
the 3-dial resistance box. 
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spond to the voltage of the standard cell. Connect the standard 
cell in the circuit by means of the double-throw switch, and adjust 
the regulating resistance until the galvanometer is balanced. 
By this process the E.M.F. supplied by the dry cells is adjusted to 
2.300 volts. Now, since the total resistance between the termi¬ 
nals O B is 2300 ohms, each ohm corresponds to an E.M.F. of 
0.1 millivolt. To make a reading of an unknown cell, proceed as 
follows: reverse the double-throw switch so that the potential to 
be measured is brought into the circuit. Now manipulate the 
two dials of the potentiometer until no current flows through the 
galvanometer. The “unknown ” E.M.F. may then be read 



Fig. 27.—Leeds and Northrup students’ potentiometer and accessories. 


off directly. For example, if the dial switch is on 0.6 and the 
slide wire on 0.0612, the reading is 0.6612 volt. After a set of 
measurements the standard cell is switched in again in order to 
determine whether the potentiometer is balanced. If not it is 
readjusted by regulating the resistance of the rheostat. The 
calibration of the slide wire is guaranteed to be accurate to O.S 
per cent; the measurements may be in error by 0.0005 volt. 
Figure 27 gives the wiring diagram of the students’ potentiometer 
as connected for measurement of a potential difference. The 
advantages of the instrument are that a balance is very quickly 
obtained and the unknown E.M.F. may be read without making 
any calibration. The authors have found this set-up very con- 
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venient for ordinary analytical work as well as for the investiga¬ 
tion of new problems. 

(e) Another mode of using a simple system without calcula¬ 
tion depends on the use of the millivoltmeter. This may be 
done in various ways. Consider Fig. 16, p. 72. We may use 
for resistance, AB, a decade resistance box of high resistance 
(50,000 ohms). This resistance box need not be accurate. The 
millivoltmeter is placed between C and B. This instrument 
usually has a resistance of about 1000 ohms. The resistance in AC 
is changed until the system 
is balanced, and the E.M.F. 
is read directly on the volt¬ 
meter. Another arrange¬ 
ment is shown in Fig. 28. 

H. J. S. Sand and D. J. 

Law,^® who were pioneers 
in the practical application 
of the hydrogen electrode, 
originally used a similar 
arrangement, which is 
shown in Fig. 28. After¬ 
wards J. H. Hildebrand 
employed the same arrange¬ 
ment. 

Kling and Lassieur 
recommend a similar ar¬ 
rangement in which they use two sliding resistances, one of 195 
ohms, the other of 5 ohms for the finer adjustment. After the 
system is balanced, the resistances are switched out and the volt¬ 
meter is switched in. 

The apparent advantage of the use of the millivoltmeter lies 
in the fact that the standard cell may be omitted, as it is not 
necessary to know the E.M.F. of the source of current; moreover, 
the resistance values need not be known. The disadvantages are 

H. J. S. Sand and D. J. Law, J. Soc. Chem. Ind,, 80, 3 (1911). 

J. H. Hildebrand, J. Am. Chem. Soc., 86, 847 (1913). 

^ Kling and Lassieur, Compt. rend., 174, 165 (1922). 



Fig. 28.—Potentiometer arrangement sug¬ 
gested by Sand and Law and by Hilde¬ 
brand. 
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that millivoltmeters are usually provided with a scale of 10 
millivolts per division, hence the millivolt readings must be 
approximated; moreover, recalibration of the instruments is 
necessary. 

4. General Remarks on the Performance of Potentiometric 
Titrations.—One of the authors (Kolthoff) uses the arrangement 
illustrated in Fig. 29. By switching in the normal element 
(standard ceU) NE and using the rheostat, Rheo, the E.M.F. 



Fig. 29. —Simple monometallic systems, balancing with slide wire. 

Rheo, rheostat. C.E., cHlomcl electrode. 

Sl.W., slide wire. E.M., motor for stirring. 

Pt. E., indicator electrode. St., stirrer. 

S. B., salt bridge. G., galvanometer. 

from the accumulator can be adjusted at 2 volts. The sliding 
contact of the rotary bridge or a Leeds and Northrup slide-wire 
is put at a value 509.2, and the resistance in Rheo is regulated 
imtil the system is balanced. Since the E.M.F. of the standard 
cell is 1.0184 volt (23°), we have: 

^^^E - 1.0184, or E = 2. 

1000 

The standard cell has a small internal resistance and is 
easily polarized. Therefore, care should be taken that it does 
not deliver too strong a current. Before the cell is switched in, 
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the resistance must be so regulated that the system is almost 
balanced. In order to be sure that the value found in this way 
is correct, the measurement should be repeated at the end of 
the titration. After this period of rest, the standard cdl will 
again have its normal value. 

The standard cell is switched out of the circuit, and the cell 
to be measured is introduced. Switches such as those described 
by W. M. Clark (The Determination of Hydrogen Ions) have 
been found by the authors to be very convenient. 

The various wires must be provided with good insulating 
material (e.g., rubber, etc.). An open glass beaker may usually 
be employed as a titration vessel. When it is necessary to 
exclude air, the titration vessel is provided with a rubber stopper 
with five holes: one for the siphon from the calomel electrode; 
one for the burette tip; another for the stirrer; and the remaining 
two for the introduction and escape of a stream of indifferent 
gas. Cf. Hostetter and Roberts ^ and W. T. Bovie and others 
for various special vessels for this purpose. 

In many cases the potential does not become constant 
immediately after the addition of reagent. The establishment 
of equilibrium may be hastened by stirring, and sometimes by 
heating. Many oxidation-reduction reactions are slow in 
attaining the equilibrium-potential near the equivalence-point. 
Heating to 60°-80° is usually a good means of shortening the 
titration time. One of the authors (Kolthoff) usually employs 
a micro burner placed xmder the titration vessel for the heating. 

Stirring the liquid during the titration diminishes the polari¬ 
zation effect. A motor-driven glass stirrer is usually the most 
effective means; of stirring. A rheostat for the regulation of the 
speed of stirring should be provided. Kolthoff has often 
observed, especially in humid weather, that the motor ionized 
the air after a certain period of use, and the galvanometer then 
made random deflections although it was not switched into the 
circuit In such instances, it is recommended that the motor 
be stopped during the potential measurements. In many cases, 

•• Hostetter and Roberts, J. Am. Chem. Soc., 41, 1337 (1919). 

* W. T. Bovie, J. Am. Chem. Soc., 44, 2892 (1922). 
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it is sujficient to bubble an indifferent gas through the solution 
instead of using an electric motor. Carbonic acid may be used 
for titrations in acid medium, while nitrogen or hydrogen should 
be employed for alkaline solutions. 

The reagent is introduced by means of a burette. For very 

accurate measure¬ 
ments, a weight bu¬ 
rette should be used; 
an ordinary burette 
will serve in most 
cases. The burette 
is placed in such a 
way that when it is 
opened the liquid 
runs directly into 
the titration vessel. 
In the titration of 
warm liquids, the 
burette must be con- 
nected to a long 
glass tube which 
ends in the titration vessel, so that the burette is protected 
against temperature change during the titration and the 
readings are reliable. In the neighborhood of the equivalence- 
point, the reagent must be added drop by drop, as was men¬ 
tioned in previous chapters and especially in § 1 of Chapter VI. 
Erich Muller has described several practical arrangements for 
measuring the drop volume, without danger of over-titrating 
while so doing. The drop volume is measured by taking 20- 
40 drops from the burette and reading the volume. If the titra¬ 
tion has to be performed at an elevated temperature, it is advis¬ 
able to put a trace of paraffin or vaseline at the tip of the burette. 
Otherwise water vapor from the titration cdl condenses on the 
tip, and it is hard to get drops of constant size. 

As stated above, the siphon between the calomel electrode 

Erich MiiUer, Die elektrometriscbe Massanalyse, 2d Ed., p. 65; Z. E3ektio- 
Chem., SO, 187 (1924). 


Fig. 30. —Drop-burette (Muller). 
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vessel and the indicator electrode is usually filled with a saturated 
potassium chloride solution. When either the liquid to be 
titrated or the reagent reacts with chloride, potassium sulphate 
or nitrate, or ammonium nitrate should be used in the siphon. 
The shape of the electrode depends upon the nature of the titra¬ 
tion. When metal electrodes are to be used, wires of pure metal 
may be taken, or the metal may be deposited on a Wiiikler gauze 
electrode. In the case of mercury, the latter method must be 
employed. For oxidation-reduction reactions, a bright plat¬ 
inum electrode should be used. A small platinum gauze (height 
about 1 cm.; diameter 3-5 mm.) is to be preferred to a small 
wire in most instances. Details regarding particular elec¬ 
trodes will be given in the section entitled “ Practical Appli¬ 
cations.” 

After each addition of reagent, the measurement is made 
by pressing the key which switches the galvanometer into 
circuit. It is always necessary to repeat the measurement after 
stirring in order to be sure that the potential is constant. A further 
addition is not permissible untU constancy is reached. Only in 
this way can accurate results be obtained. 



CHAPTER VI 


DETECTION OF THE END-POINT OF A POTEN- 
TIOMETRIC TITRATION 

1 . General and Exact Method.—Since the abrupt change in 
potential occurs very close to the equivalence-point, the latter 
may be easily found by plotting the change of the E.M.F. against 
volume of reagent. It is usually assumed that the inflection- 
point, i.e., the middle of the jump in potential, indicates the 
equivalence-point precisely. We have seen in Chapters III and 
IV that, especially in oxidation-reduction reactions where we are 
titrating with substances such as permanganate, bichromate, 
etc., the equivalence-point is not located at the middle of the 
break, but very near the end where the curve bends toward the 
permanganate or bichromate side. The potential break, how¬ 
ever, is usually very steep, and therefore the method above 
described is satisfactory for most practical cases when we are 
titrating with sufiiciently concentrated solutions. It enables 
us to locate the point of inflection with the desired degree of 
accuracy. 

It is not necessary to plot all the data of the titration curve, 
^ce only the change near the end-point is of analytical impor¬ 
tance. The method which was proposed by Hostetter and 
Roberts ^ is more accurate as well as simpler; it is to make 

ae 

a graph of the values of — against cubic centimeters of reagent. 

Ac 

The ma.ximum of this curve indicates the equivalence-point. 
It is not necessary to make a graph, as the maximum may be 
read directly from a table. This is done in the following way: 

* Hostetter and Roberts, J. Am. Chem. Soc., 41, 1337 (1919). 
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In the vicinity of the equivalence-point we add the reagent 
drop by drop and determine the potential each time. We may 

AE 

then calculate the value of — after the addition of each drop 

of reagent; the maximum is found with an accuracy of at least 
half a drop of reagent. The drop volume must, of course, be 

known. When, for example, we find the following values for —: 

Ac 



AE 


Ac 

1 drop 

200 

1 drop 

400 

1 drop 

900 

1 drop 

800 

1 drop 

600 


Second Differential 


-- 200 
- 500 
-f 100 
+ 200 


the maximum is located between the third and fourth drops and 
we may approximate it at 3| drops with an accuracy of 0.01 cc. 
of reagent. The following example gives the results of an actual 
determination: 


Titration of 25 cc. of Potassium Iodide (about 0.1 N), Mixed with 150 cc. 
Water and 5 cc. 4 N Sulphuric Acid, with Permanganate 

(E.M.F. Measured against N Calomel Electrode) 


Cubic 

Centimeters of 
Permanganate 

. E 

AE 

Ac 

Second 

Differential 

24.0 

0.482 



24.28 

0.504 



24.36 

0.518 

330 

530 

1000 

5070 Maximum 
400 

40 


24.39 

0.528 


24.42 

0.544 

-470 

24.46 

24.49 

0.588 

0.740 

-4070 

+4670 

24.52 

0.752 

+360 

25.00 

0.772 



Maximum — : S4.4^ cc. reagent. 
Ac 

Second differentml: zero. 
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In the foregoing table the values of the second differential 
AE 

(i.e., the change of — itself) are also given. At the point where 
Ac 

reaches a maximum, the second differential is equal to zero. 
Ac 

After the addition of 24.46 cc. of permanganate the second dif¬ 
ferential is —4070; after adding 24.49 cc. it is +4670. There¬ 
fore it is easy to compute that the second differential is zero after 
the addition of 24.475 cc. of permanganate. 

F. L. Hahn and collaborators ^ have recently proposed that 
complicated mathematical methods be used in order to locate the 
end-point, whereas they criticize the usual methods very severely. 
The difficulty of understanding the very extensive mathematical 
papers of Hahn et al. is increased by the introduction of unusual 
expressions and units. As I. M. Kolthoff^ has pointed out, 
their methods do not give more information than we can obtain 
from much simpler procedures. 

2. The Pinkhof-Treadwell Method and Its Modifications.— 

J. Pinkhof,^ who made an excellent study of the application of 
potentiometric titrations, attempted to devise a simple arrange¬ 
ment whereby the method could be generally applied without 
being at all expensive. He replaced the calomel electrode by a ^ 
compensation electrode whose potential is exactly equal to that 
of the indicator electrode in the solution at the completion of the 
titration. When this method is employed, a* sudden reversal of 
polarity marks the end-point. Hence, no potentiometer system 
is necessary and a simple capillary electrometer serves as indi¬ 
cating instrument. The arrangement is illustrated in Fig. 31. 

The mercury of the capillary electrometer moves in one 
direction, when the instrument is switched into the circuit, imtil 

*F. L. Hahn and G. Weiler, Z. analyt. Chem., 69, 417 (1926); F. L. Hahn, 
M. Frommer, and R. Schulze, Z. physik. Chem., 133, 390 (1928); Determination 
of equilibrium constant by potentiometrfc titration, cf, F. L. Hahn and R. Klock- 
mann, Z. physik. Chem., Itt, 373 (1930). 

* I. M. Kolthoff, Rec. Trav. Chim., 47, 397 (1928). 

^ J. Pinkhof, Over die Toepassing der Eiektrometrische Tltraties, Dissertation, 
Amsterdam (1919). 



PINKHOF-TREADWELL METHOD AND ITS MODIFICATIONS 97 


the equivalence-point is reached; at this point it ceases to move. 
With an excess of the reagent, the mercury moves in the opposite 
direction. A preliminary titration is usually necessary because 
we have no indication as to whether we are close to the end-point. 

The arrangement has a number of disadvantages: every 
titration requires its own peculiar electrode system; and it is 


difficult to compen¬ 
sate for the effects 
of foreign electro¬ 
lytes in the solution, 
and for temperature 
influence. As above 
mentioned, there is 
no warning of the 



approach of the end¬ 
point. 

A microammeter 
or millivoltmeter 


Fig. 31.—The Pinkhof system. 

S, solution to be tested. K, tapping key. 

E, indicator electrode. C.E., capillary electrometer. 

R, reference electrode. 


with the zero point in middle of the scale could, of course, 
be used, instead of the capillary electrometer. In order to get 
an indication of the approach of the end-point and to minimze 
polarization effects it is suggested that a large resistance be 
inserted, in the circuit and switched out near the end-point 
where the deflections are small. 


W. D. Treadwell ® uses a half-cell which contains a solution 


of the same composition as that which the solution to be titrated 
will possess at the equivalence-point; this solution is in contact 
with the same kmd of unattackable electrode, instead of the stand¬ 
ard electrode. Treadwell uses a millivoltmeter instead of a cap¬ 
illary electrometer. The arrangement is illustrated in Fig. 32. 
The reader is referred to the original paper for details. 

The disadvantage again lies in the necessity of preparing a 
different end-point electrode for each reaction. This objection 
can not be brought against the modification which Erich Muller ® 

•W, D. Treadwell and L. Weiss, Helv. Chim. Acta, 2, 680 (1919); see also 
Gamer and Waters, J. Soc. Chem. Ind., 41, 337 (1922); Oesterheld and Honegger, 
Helv. Chim. Acta, 2, 398 (1919). 

• Erich MUller, Die elektrometrische Massanalyse, 2d Ed., p. 78. 
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has devised. He uses the normal calomel electrode as a reference 
electrode; at the beginning of the titration he switches into the 
dreuit an electromotive force which is just equal to that devd- 
oped by the indicator system at the end-point. The reagent is 
added until the null-point instrument shows no deflection, or 
reverses the direction of its deflection. It is more practical and 
convenient to use a rough and inaccurate potentiometer system 
and to switch in the voltmeter from time to time. (Prindple of 



Fig. 32.—Treadwell system. 

W, commutator. 

V, voltmeter. 

£, electrode. 

S, stirrer. 



Fig. 33.—Mliller system. 

E., indicator electrode. 

C.E., normal calomel electrode. 
G, galvanometer. 

R, Ostwald decade rheostat. 


Kling and Lassieur, loc. ciL, cf, p. 89.) Reagent is added until 
the voltmeter indicates the equivalence-potential. 

Hence we need to know the value of the equivalence-poten¬ 
tial, which must be determined by the method above described 
(§ 1). Prior to the general development of the Muller method, 
H. J. S. Sand and D. J. Law ^ employed the same scheme in 
acidimetry, in connection with their classical study on the 
application of the hydrogen electrode for the estimation of the 
’ H. J. S. Sand and D, J. Law, J. Soc. Chem. Ind., 80, 3 (1911). 
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aridity of tan liquors. Unfortunately this paper did not receive 
due attention in the literature, and. Muller recommended the 
same system quite independently. The Muller arrangement is 
more expensive than that of Pinkhof. We again have the disad¬ 
vantage that the influence of foreign salts upon the equivalence- 
potential must be taken into accoimt. When the jump in poten¬ 
tial at the equivalence-point is very large, this influence may be 
ignored; however, when we are dealing with the successive titra¬ 
tion of various substances in a solution, the concentration of 
foreign electrolytes may be of very great importance. In oxida¬ 
tion-reduction titrations with substances like permanganate, 
bichromate, etc., the hydrogen-ion concentration of the liquid 
to be titrated is of especially great importance. Another disad¬ 
vantage of the Muller arrangement is that tliere is no warning 
of the approach of the end-point. 

The Pinkhof method, and its modifications, all have this 
advantage in common: that the titration may be performed 
very quickly. A result may be obtained in about two minutes. 
This rapidity, however, carries with it a marked disadvantage, 
namely, that we have no assurance that the potential has become 
constant, and that equilibrium has been established. Everyone 
who has had experience with the performance of potentiometric 
titrations knows that, near the equivalence-point especially, 
where the break in potential occurs, the potential does not 
become constant immediately after the addition of the reagent. 
It is necessary to wait a longer of shorter period for the establish¬ 
ment of equilibrium. Hence, when we add reagent until the 
equivalence-potential is reached, we have no assurance that the 
equivalence-point is reached, and an erratic result may therefore 
be obtained. Another disadvantage of the Pinkhof system is 
that it is balanced at the equivalence-point only; therefore, 
polarization may occur at a distance from this point. 

For all these reasons, the authors can not recommend the 
Pinkhof system and its modifications for accurate titrations. 
I. M. Kolthoff® pointed out that the Muller system may 
be of special advantage in cases where the potential curve 
*» I. M. Kolthoff, Rec. Trav. Chim., 47, 397 (1928). 
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has only a slight slope near the end-point. From the experi¬ 
mental data obtained during the titration, it is possible to cal¬ 
culate the equilibrium constant of the reaction involved and 
from this the magnitude of the inflection potential. The 
point on the potential curve corresponding to this inflection 
potential gives the position of the point of equivalence. As a 
matter of fact it is not necessary to plot the data; from the 
potential values obtained near the end-point we may find directly 
between what two drops the equivalence-potential is passed, and a 
simple calculation gives the exact place of the end-point. Even 
in cases where the curve is uns 3 mametrical this method gives 
results which are practically correct. 

As an example of this suggested method, we give here some 
arbitrarily chosen values obtained in the titration of 50 cc. of 
0.2 N silver nitrate with 0.2 N (=0.1 M.) alkali oxalate. The 
potential of the silver electrode is measured against some stand¬ 
ard half-cell. Let us assume that 


I. After adding 45 cc, oxalate, Ei = -f- 0.300 volt, 
II. After adding 55 cc. oxalate, E 2 = -f 0.131 volt. 

Then we have at 25° C. 


where 


El — E2 

0.059 


= log: 


10 


[Ag+]i 

lAgi2 


[Ag+]i = ^ X 0.2 = l.OS X 10-2 

Then [Ag +]2 = 1.44 X 10“®. After adding 55 cc. of oxalate 
solution, there is an excess of reagent corresponding to 


[C 2 O 4 ]- = — X 0.1 = 4.8 X 10-2. 


Hence our equUibriiun constant is 

[Ag+]2 [C 2 O 4 ]- = [1.44 X 10-®]2 X 4.8 X 10-® = IO- 12 . 


At the point of equivalence we have 

[Ag+J. == -^2 X 10-12 1.26 X 10-4, 
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and the potential at the point of equivalence, E«, is given by the 
equation 


E, = El — 0.059 logio 


[Ag+li 

|Ag+J« 


= 0.187 volt. 


The amount of oxalate solution added to reach this potential is 
then the equivalent of the silver nitrate solution. 

Such calculations are allowable only in cases in which the sub¬ 
stance formed during the titration does not react in a special 
way with excess of one of the components (e.g., complex-forma¬ 
tion). We may emphasize the point that the equilibrium con¬ 
stant found in this way represents a practical and not a theo¬ 
retical value. To simplify the calculations, it is assumed that 
the activity of a given component is equal to its total concentra¬ 
tion. Accordingly this practical equilibrium constant will 
depend to some extent on the particular conditions of the experi¬ 
ment. In practice, we frequently use in our titrations solu¬ 
tions of relatively high ionic strength in which the activity- 
coefficients of the ions are not well known. It seems better 
therefore to use in a given experiment the practical equilibrium 
constant as derived from that experiment rather than to use 
the theoretical value. 

It may be expected that the method Just outlined of finding 
where the potential is equal to the potential at the point of 
equivalence will open a wide field to the application of poten- 
tiometric titrations. Especially in the titration of very weak 
adds and bases, or very dilute solutions of moderately weak 
acids and bases, in precipitation reactions where the substance 
formed is moderately soluble, in replacement reactions, where 
the add or base replaced is moderately strong, etc.; quite gen¬ 
erally in all cases where the curve has only a small slope near the 
equivalence-point, the method may be of great practical import- 

AE 

ance. Here the maximum in — is not very pronoimced, and 

Ac 

a small difference in the volume of the drop added each time 
near the equivalence-point may cause a serious error in the 
determination of the location of the maximum. Espedally at 
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higher temperatures it is very hard to add drops exactly of the 
same size (e.g., on account of condensation against the tip of the 
burette; spread vaseline on tip!)- 

Unfortunately so far the inflection potentials have been deter¬ 
mined in only a rough way, and they do not give us values which 
may be applied in the cases discussed above. Moreover, 
the influence of various conditions—as presence of different 
amounts of salts and acids, effect of temperature, adsorption 
phenomena—on the magnitude of the inflection potential should 
be studied. If the values of inflection potentials are exactly 
known under different conditions, it simplifies the performance 
of a potentiometric titration and moreover makes it much more 
accurate. 

What has been said about the equilibrium constant and 
inflection potential in precipitation and neutralization titrations 
also holds for oxidation-reduction reactions. If the reaction is 
reversible, it is easy to calculate the practical value of the equiva¬ 
lence-potential. Usually the conditions are not so simple, as in 
cases when we are titrating with oxidants, where the hydrogen- 
ion concentration also has an influence on the normal potential. 
The oxidation-reduction potential of 

Cr 207 ” + 14H+ + 6 © 2Cr+++ + 7 H 2 O 

or 

Mn 04 “ + 8H+ + 5 0 Mn++ + 4 H 2 O, 

is not exactly determined by the concentration of the reduced ion 
formed as would be indicated by the equation. In these cases the 
best way to find the inflection potential would be to determine it 
in an empirical way, i.e., to measure the potential in a solution of 
the same composition that the liquid has at the equivalence- 
point. In general, however, the classical method, discussed in §1, 
is recommended for accurate work. 

When the potential becomes constant very soon after the 
addition of reagent, the titration may be carried out in about five 
minutes. If the establishment of equilibrium is slow, much 
time is required for a titration, but the method has the advantage 
of giving accurate results. The time may always be shortened 
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by adding the reagent in a stream until the potential begins to 
change rapidly. This gives an indication that we are approach¬ 
ing the equivalence-point, and further addition of the reagent 
must proceed slowly as described in § 1. This simplification 
must be applied carefully, since it is possible to overstep the 
end-point in this way in cases where the jump in potential is 
small. Those who have had some experience with potentio- 
metric titrations will readily find, in any particular instance, the 
conditions under which an accurate result is most quickly 
obtained. The authors wish to lay stress on the accuracy which 
may be attained by the application of potentiometric titrations. 
The literature contains reports of many investigations in which 
rapid potentiometric determinations are described. Unfortunately, 
this practical advantage is 
often gained at the cost of 
accuracy. The reader is warned 
against applying these methods 
unless it has been proved by 
the exact method that the re¬ 
sults are reliable. 

In all cases where a new 
titration method is being inves¬ 
tigated, the whole titration 
curve should be determined. 





since many theoretical and fig. 34.- 
practical conclusions may be 
drawn from its form. 


-Polarization system of Dutoit 
and von Weisse. 


a, auxiliaxy platinum electrode. 

cathodically polarized platinum electrode. 

3. The Dutoit System. Po- b, polarizing battery. 

,, •* ’w A A, ammeter for polarizing current. 

lanzed Indicator Electrode .—As r, resistance, 
we have seen on p. 65, it is potMiiometer. 

, • • 1 1 galvanometer. 

mconvement or impracticable 

to use an electrode of the corresponding metal in many precipi¬ 
tation reactions. In such instances Dutoit and von Weisse® 
have proposed the use of a cathodically polarized platinum 
electrode in conjunction with the usual calomel half-cell. A 
fresh layer of metal is formed continuously, by the feeble polar- 
• Dutoit and von Weisse, J. chim. phys., 9, 578 (1911). 
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izing current, on the platinum cathode, which then gives the 
characteristic electrode potential of the metal. The appa¬ 
ratus is indicated in Fig. 34. 

The experimental set-up is not simple. There is a loss of 
metal due to the polarization, and hence the result is not accu¬ 
rate. In spite of these disadvantages, the arrangement some¬ 
times makes possible the estimation of a number of cations 
in a given solution by the addition of appropriate reagents in 
succession. The method can not be recommended, however, 
for general application, nor for particularly accurate determina¬ 
tions. 

4. Polarized Bimetallic Electrode Systems .—Bimetallic 
Systems .—In connection with a potentiometric study of the 
ferrous iron—bichromate reaction, Hostetter and Roberts^® 
made the important observation that a cell consisting of a 
palladium electrode and the usual calomel half-cell did not 
exhibit any appreciable change in potential at the equivalence- 
point. They therefore suggested that a cell composed of one 
platinum and one palladium electrode might served for the 
determination of end-points, the platinum wire being the indi¬ 
cator electrode. 

Willard and Fenwick made an extensive investigation of the 
characteristics of bimetallic systems. Their general findings 
may be summarized as follows: 

The initial difference in potential between two dissimilar 
metal electrodes, in the absence of an oxidizing agent, varies 
considerably with the nature of the pre-treatment of the elec¬ 
trodes, and with the concentration of acids, salts, etc., in the 
solution. Upon addition of oxidizing agent, after which the 
solution is well buffered with regard to the oxidation-reduction 
system, the potential difference falls rapidly to practically zero 
and remains thus until within 0.2-0.3 cc. of the end-point. A 
short rise in the potential difference gives warning of the abrupt 

Hostetter and Roberts, J. Am. Chem. Soc., 41,1337 (1919). 

“ Willard and Fenwick, J. Am. Chem. Soc., 44, 2504 (1922). See also Florence 
Fenwick, The Theory and Application of Bimetallic Electrode Systems in Elec¬ 
trometric Analysis, Dissertation, University of Michigan (1922). 
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and characteristic break in potential at the end-point. This break 
usually amounts to 100-200 millivolts. The most effective sys¬ 
tems were found to consist of platinum, together with some other 
metal or alloy of metals of the platinum group (especially plat¬ 
inum-rhodium), with tungsten as a reference electrode. Pal¬ 
ladium and palladium alloys were found to be unsatisfactory 
because of the solubility of palladium in various solutions. 

A further study of the behavior of systems of two dissimilar 
metallic electrodes during the course of titrations has been 
made by Van Name and Fenwick.^^ They point out that since 
the ideal expression for the electrode potential, E, of an inert 
electrode is of the form: 

X 

E == Const.*:-, 

\ ■— X 

where x is the fraction in the higher, and 1 — x that in the lower 
state of oxidation, the value of E is extremely sensitive to slight 
changes in x when it approaches the limiting values 0 and 1 
at the beginning of a titration and at the equivalence-point, 
respectively. 

If there is a difference between the relative rates at which 
the two dissimilar electrodes tend to approach equilibrium, the 
divergence will be greatest in these two regions of maximum 
sensitivity. Experiment shows that this is the case. The 
divergence is more frequently observed at the equivalence- 
point, presumably because the ratio of oxidant to reductant has 
an extreme value here. 

The end-point potential divergence is really a time effect 
which is caused by the difference in the rates at which the dis¬ 
similar electrodes approach equilibrium. Given sufficient time, 
both electrodes would presumably reach the same state of 
equilibrium and the potential difference would vanish. The 
general tendency is in this direction, but the difference may 
persist for a long period. 

Furman has made a detailed study of the use of the plat- 

Van Name and Fenwick, J. Am. Chcm. Soc., 47, 9 (1925). 

N. H. Furman, J. Am. Chem. Soc., 60, 273 (1928). 
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inum-gold electrode system in oxidation-reduction reactions. 
The simplicity of the electrode system is advantageous, but the 
actual values of the E.M.F. readings rarely lie in the same range 
for two successive titrations of the same kind; the initial and 
maximum voltages show wide ranges in magnitude, and it is 
difficult to judge the approach of the end-point in many cases. 

The platinum-tungsten electrode system is one of the most 
interesting in the bimetallic field. Willard and Fenwick {loc, 
cit,) first described its characteristics. Furman and Wilson 
have developed a very simple titration system, with one plat¬ 
inum and one tungsten electrode, a high resistance and a gal¬ 
vanometer. The apparatus is indicated in Fig. 35. The high 
resistance is made up of radio grid leak resistances or of lava 
resistors for values of 10,000, 20,000, and 100,000 ohms Aero- 

vox’’ lavite resistors, Aerovox 
_Wireless Corp., New York). 

I With a Leeds and Northrup lamp 

and scale galvanometer a suit- 
able resistance can be built up 

• -- with I, and 1 megohm grid 

' leaks. It is desirable to be 

^ able to interchange resistances 

y readily, for different total resist- 

ances are required for different 
types of reactions. The elec- 
lu., 35.—lurraan and Wilsons trodes are kept in chromic acid 

cleaning solution when not in 
use. The end-point indication 
with this simple continuous-reading system is a maximum gal¬ 
vanometer deflection per drop of reagent added. Convenient 
indication of the approach of the end-point is given by temporary 
deflections of the galvanometer needle. The end-point indica¬ 
tion is practically the same as that described by Foulk and Baw- 
den as the ‘‘dead-stop ” end-point (c/. p. 122). 

In the original study, and in further studies (not yet pub¬ 
lished), Furman and Wilson have found that this method of 
N. H. Furman and E. B. Wilson, Jr., J. Am. Chem. Soc., 60, 277 (1928), 
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titration is successful with all reactions between powerful 
oridizing agents (permanganate, ceric sulphate, bichromate, 
chlorine, bromine, iodine) and the reducing agents with which 
they react quantitatively. It was anticipated that the system 
would not be effective in the lower range of the oxidation-reduc¬ 
tion scale, as for example reactions between mild oxidizing agents 
like ferric salts, and reductants like titanous salts. Further 
study has, however, shown that there is a maximum galvanom¬ 
eter deflection at the end-point in nearly every case, but that 
the course of the potential difference between electrodes during 
the progress of the titration is not the same as with more power¬ 
ful oxidizing agents.^^ 

A simplification of the bimetallic system has been proposed 
by Muller and Kogert.^^ It is a well-known fact that the poten¬ 
tial of an irreversible reoxidation electrode (like permanganate, 
dichromate, or bromate) is dependent upon the kind of electrode 
used. (See Willard and Fenwick, 1. c.) Two pieces of bright 
platinum from different sources, for example, may acquire differ¬ 
ent potentials when immersed in a solution, though after long 
standing the potentials may approach each other. There is a dis¬ 
tinct difference in potential between a bright and a platinized 
platinum electrode when dipped into acidified bichromate solu¬ 
tion, whereas in a ferrous-ferric solution both electrodes have 
approximately the same potential. 

Muller and Kogert base a very simple method of potentio- 
metric titration on this fact. A bright and a platinized electrode 
dip into the solution which is to be titrated; the electrodes may 
be short-circuited by a millivoltmeter. Now if we are titrating a 
ferrous-ferric solution, the potential of both electrodes will be 
approximately the same, and the millivoltmeter shows no deflec¬ 
tion. (If a distinct deflection is found it may be eliminated by 
short-circuiting the electrodes.) Near the end-point a small 
deflection is observed. From that point on the titration is con¬ 
tinued drop by drop. A maximum deflection occurs just after 
the end-point. One drop is deducted from the amount of 

u For deti^ see Furman and Wilson t. c. « 

u E. Muller and H. Kogert, Z. physik. Chem., 186, 437 (1928). 
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reagent used. After the end-point has been passed the deflec¬ 
tion again decreases. Muller and Kogert applied the method 
to the titration of ferrous iron, ferrocyanide, and oxalate with 
permanganate, ferrous iron with bichromate, trivalent arsenic 
with bromate, and iodine with thiosulphate, and later to the 
determination of lead with ferrocyanide, of iodide alone, or in 
presence of chloride, with silver nitrate, and to neutralization 
reactions. 

It must be emphasized that the method can be applied only 
in those cases where one of the two partial reactions is irreuersihle; 
and, moreover, the best results are obtained when the system 
which is to be titrated is reversible (ferrous iron with per¬ 
manganate, and not titration of permanganate with ferrous 
iron). 

Electrodes, —^Platinum foils of 3 cm.^ area are used. One foil 
is bare, the other platinized, and afterward ignited in a flame 
until it has a gray appearance. After dipping into the solution 
they are connected to the terminals of a millivoltmeter of the 
type which Treadwell used (30 millivolts deflection to either side 
of zero mark, with internal resistance 3200 ohms). A resistance 
may be used to regulate the deflection. The solution is agitated 
by an electrically driven stirrer during the titration. 

The use of two platinum electrodes of different areas has 
been suggested by Sandved and Backer and by Reissaus.^® 

B. Kamienski showed that silicon carbide is an ideal sub¬ 
stance to use as a constant reference electrode. Pure, light- 
green, transparent crystals of silicon carbide show a potential 
which is almost independent of the chemical properties of the 
solution. There is only a slight change if the acidity varies from 
pK 1 to about 12 (change in E.M.F. only 25 millivolts); similarly 
its potential does not change with the oxidation-reduction poten¬ 
tial of the solution. Therefore the silicon carbide crystal is ideal 

E. Mtiller and H. Kogert, Z. analyt. Chem., 76, 235 (1928). 

i®K. Sandved and J, Backer, Tids. Kemi. Bergv., 6, 224 (1925), through 
Chem. Abstracts, 20, 348 (1926). 

G. G. Reissaus, Z. aimlyt. Chem., 09, 450 (1926). 

B. Kamienski, Z. physik. Chem., 145, 48 (1929); c/. also 188, 345 (1928). 
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for use as a reference electrode in potentiometric titrations, where 
the E.M.F. is measured against an indicator electrode. It is 
highly desirable to make an extensive investigation of the general 
use of silicon carbide as a constant reference electrode, since its 
application is simple, and avoids the occurrence of a liquid-junction 
potential. 

Neutralizations .—Briinnich studied the use of the platinum- 
graphite system in neutralizations. The change in E.M.F. at 
the end-point is not very marked with this system; the E.M.F. 
passes through zero at about pH 7, and hence a reversal of sign 
marks the end-point in titrations of strong acids with strong 
bases. Fuoss found that a number of systems could be used in 
acid-alkali titrations, e.g., antimony vs. antimony-lead alloy; 
bismuth vs. silver; antimony vs. copper amalgam. Kahlen- 
berg and Krueger examined the utility of a large number of 
bimetallic, or metal vs. non-metal, electrode pairs in neutraliza¬ 
tions. They found that the systems: timgsten vs. nickel, tungsten 
vs. copper, tungsten vs, silicon, and tungsten vs. cobalt, were 
especially satisfactory. 

In a further investigation of pairs of substances. Holt and 
Kahlenberg * found that the tungsten-graphite, antimony- 
graphite, and tungsten-silver pairs of electrodes were satisfactory 
in the titration of 0.1 N acids and bases. Acetic acid and weak 
bases like ammonia, and various amines, could be titrated sharply 
with a strong base or add, respectively. Most of the data is 
presented in the form of graphs and it is difficult to judge whether 
analytical accuracy was attained. The silver-timgsten system 
gave better results in the presence of quinhydrone. The graphite 
electrode must be constructed from the naturally occurring 
material and not from the electric furnace product. Holt and 
Kahlenberg give the following useful grouping of the various elec¬ 
trodes which they studied: 

J. C. Briinnich, Ind. Eng. Chem., 17, 631 (1925). 

R. M. Fuoss, Ind. Eng. Chem., AnalyL Ed., 1, 125 (1929). 

** L. Kahlenberg and Krueger, Trans. Am. Electrochem. Soc., 66, 201 (1929). 

*M. L. Holt and L. Kahlenberg, TVans. Am. Electrochem. Soc., 67, 361 
(1930). 
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Changes Developed against the N.C.E. at the End-Point in the 
Titration op O.IN HCl with O.lN NaOH 


Group I. 

At Least 

175 Mv. 
More Acidic 

Group II. 

Group III. 

Group IV. 

Group V. 

100 to 150 Mv. 

50 to 100 Mv. 

Veiy Slightly 

Slightly 

More Acidic 

More Acidic 

More Acidic 

More Basic 

Pt (platinized) 

Pt 

Au 

C (natural 

Ni 

W 

As 

Cu 

graphite) 

Co 

Sb 

Si 

Ag 

Cd 


Mo 

Bi 

Pb 




C (Acheson 
graphite) 

Cr 

Fe 




The best indicator electrodes are therefore platinized plat¬ 
inum, tungsten, antimony, and molybdenum. One of these 
electrodes together with one from Group IV or V should form 
the best system for titrations. Holt and Kahlenberg state that 
Cd, Co, Ni, Cu, Pb and Fe are too readily attacked to be used in 
the titration of 0.1 N HCl with 0.1 N NaOH. 

Polarized Bimetallic Systems. —In studying the effect of vari¬ 
ous modes of pre-treatment upon the behavior of the various 
metallic electrodes, Willard and Fenwick found that polari¬ 
zation was a very effective method for obtaining a satisfactory 
behavior. This effect was predicted on the basis of the Nernst- 
Fredenhagen theory that an unattackable electrode behaves 
as a gas electrode. Hence, the electrolytic charging of an 
electrode with either oxygen or hydrogen should cause it to 
exhibit a steadier behavior than would a random charging 
caused by immersing the electrode in an oxidizing or reducing 
solution, heating in a flame, etc. Finally, Willard and Fenwick 
found that a polarized bimetallic system, composed of two portions 
cut from a very pure platinum wire, gave the best end-point indica¬ 
tions of any bimetallic system. The two similar electrodes were 
polarized anodically and cathodically, respectively, with a very 

Willard and Fenwick, J. Am. Chem. Soc., 44, 2516 (1922). 

“ Fredenhagen, Z. anoig. Chem., 29, 398 (1902); Nemst (1889). 
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■anflll current (about 0.5 X 10“® ampere). The apparatus is 
shown diagrammatically in Fig. 36. 

The end-point change is an abrupt break of 100 to 200 milli¬ 
volts. 

The mechanism of the end-point change has been studied 



Fig. 36.—Polarized bimetallic system of Willard and Fenwick. 


Bai, storage battery for polarizing current. 
Ba2, Edison storage battery. 

Rheo., rheostat for taking of[ polarizing voltage. 
V, voltmeter. 

H.R., high resistance (100,000 ohms). 

Sy, voltmeter switch. 

Sr ami Sp, reversing switches. 

P.P., polarizing leads to electrodes. 


Cb, mercury cup commutator. 

Pot.Pot., leads from electrodes to potentiometer 
system. 

Ca> standard cell. 

Ss, battery switch. 

So> galvanometer switch. 

G, galvanometer. 


further by Van Name and Fenwick.^® Their conclusions are as 
follows: 

“1. The principal factor determining the sharpness of the 
electrometric end-point with polarized electrodes of pure plati¬ 
num is the difference in the degree of reversibility of the electrode 
reaction before and after the end-point. Other factors, such as 

*• Van Name and Fenwick, J. Am. Chem. Soc., 47,19 (1925). 
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concentration and rate of stirring, are of minor importance. The 
end-point phenomena are more distinct the more nearly the elec-' 
trode reactions conform to the requirements of complete rever¬ 
sibility on one side of the end-point and complete irreversibility 
on the other, but are sharp enough for practical use in analysis in 
some cases which fall far short of meeting this requirement. 

‘^2. Although polarization sometimes produces a slight dis¬ 
placement of the end-point break of a single electrode, the errors 
so introduced are too small to be of significance in volumetric 
analysis. 

'^3. The end-point break in titrations of the ordinary type, 
based on the single potential of the platinum electrode, may 
often be improved and the behavior of the electrode made much 
more dependable and satisfactory by polarizing it with respect 
to an auxiliary electrode.” 

The arrangement devised by Willard and Fenwick has the 
disadvantages of complexity, rather expensive nature of the 
apparatus, and lack of warning of approach of the end-point. 
On the other hand, the simplicity of the electrodes themselves 
and the sharpness of the end-point indication are decidedly 
favorable. A discussioii of the results which Willard and Fen¬ 
wick obtained is given in the section entitled ‘Practical Appli¬ 
cations.” 

6. The Differential Titration Method.—D. C. Cox^^ has 
described a method of differential titration which gives an end¬ 
point indication analogous to those obtained with bimetallic 
electrode systems. The method consists in titrating two similar 
portions of a given solution, with an appropriate reagent, at 
slightly different rates: one burette may have delivered 0.1 or 0.2 
cc. more of reagent to the first solution than the second burette 
has delivered to its solution. The difference in rate is called the 
‘‘offset.” An offset of 0.2 cc. is generally convenient. Similar 
electrodes, which may be platinum or air electrodes,^® are placed 
in the two beakers. Electrolytic connection between the beakers 
is established by a salt bridge. At the end-point a sharp differ- 

^ D, C. Cox, J. Am. Chem. Soc., 47, 2138 (1925), 

*® Cf. Funnan, J. Am. Chem. Soc., 44, 2685 (1922); c/. p. 215 ff. 
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ence in potential is developed between the two electrodes; the 
difference is registered by a millivoltmeter, or by a simple poten¬ 
tiometer system. The end-point is at the maximum potential 
difference. No data are given to establish the limit of accuracy 
of the method. Cox states that it is simpler and more accurate 
than the usual methods of electro-titration. He claims the 
following advantages: 

1. No necessity of plotting curves. 2. Elimination of cal¬ 
omel half-cell. 3. Compensation of error due to electrode drift. 
4. Elimination of diffusion troubles by using solutions of almost 
identical compositions. 

Cox applied the method to neutralization reactions only. 
It should be equally applicable to oxidation-reduction reactions, 
and perhaps to some precipitation reactions. 

Cox’s original method has been simplified by several investi¬ 
gators to a considerable extent. Especial credit is due to Mac- 
Innes, who not only simplified the method, but also made it the 
basis of work of high precision. 

The theory underlying differential titrations, especially as 
applied to acid-base systems, has been discussed by B. L. Clarke 
and L. A. Wooten.^^ 

In the following pages the various practical modifications of 
Cox’s original idea will be briefly discussed. 

D. A. Macinnes and P. T. Jones described a great prac¬ 
tical improvement in the application of the differential poten- 
tiometric method of Cox. They kept a small amount of the 
solution surrounding one of the electrodes temporarily from 
mixing with the rest of the solution until after each small incre¬ 
ment of titrating reagent had been added. Their ingenious 
device is shown in Fig. 37. It consists of a central tube, A, 
carrying an electrode, B, of platinum wire, which makes contact 
with mercury on the inside of the tube. The cap, C, is connected 
with the guide tube, D, by means of glass rods. C and D slide 
loosely on the inner tube, A, a projection on which is ground to 

B. L. Clarke and L. A. Wooten, J, Phys. Chem., 83, 1468 (1929). 

*®D. A. Macinnes and P. T. Jones, J. Am. Chem. Soc., 48, 2831 (1926); D. A. 
Macinnes and I. A. Cowperthwaite, idem, 63, 555 (1931). 
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fit the lower edge of the cap, C. When this apparatus is placed 
in a solution, and the cap lowered, the solution around the elec¬ 
trode, B, is held in place and is not disturbed by vigorous stirring. 
During the titration, the cap is lowered before each addition of 
reagent, and the potential between electrode B and the electrode 
B', which is placed in the body of the solution, is determined with 
a potentiometer. The arrangement is shown diagrammatically 
in Fig. 38. 

In Fig. 39 is shown a titration curve of hydrochloric acid 



Fig. 37. —Macinnes and Jones’ 
sheltered electrode for differen¬ 
tial titrations. 



Fig. 38. —Apparatus f(»r dif¬ 
ferential titration (Macinnes 
and Jones). 


with sodium hydroxide, using quinhydrone electrodes. The 
method is also applicable to oxidation-reduction reactions. A 
potentiometer is unnecessary for many practical purposes. 
The electrodes shown in Fig. 38 may be connected directly 
with a galvanometer, which remains undeflected, or nearly so, 
until near the end-point of the titration, when a slight swing 
announces the approach of the end-point, and a larger one its 
arrival. In such titrations, regular increments of reagent, and 
lifting of the electrode cap after each addition, are not necessary, 
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according to Macinnes and 
Eft the cap several times 
during the titration in order 
that the enclosed solution 
will have an opportunity 
to react. Vigorous me¬ 
chanical stirring is neces¬ 
sary in all these experi¬ 
ments. 

In the case of some 
oxidation - reduction reac¬ 
tions, resistances up to 
20,000 ohms are needed in 
series with even a galva¬ 
nometer of low sensitivity. 

W. A. Roth attempted 
to simplify the method of 


Jones. It is, however, necessary to 
0.201 - 


0.15 
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^ 0.10 

> 
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RaOo; Base/iusid 
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Fig. 39.—Differential titration graph. 

Macinnes and Jones, and recom¬ 
mended the use of a Jena 
glass filtering crucible 
(G2/< 7), which isolates 
one of the electrodes from 
the rest of the liquid, and 
serves, moreover, as a 
stirrer. The apparatus is 
shown in Fig. 40. The 
crucible can be moved by 
means of the glass rod; 
near the end-point it is 
placed on a glass tripod in 
such a way that one of 
the electrodes dips into the 
crucible. The upper part 
of the crucible is above the 
surface of the Equid. After 
the addition of the major part of the reagent, the whole of the 
Equid is stirred in order to make it homogeneous; then the 
“ W. A. Roth, Z. Elektrochem., 83, 127 (1927). 



Fig. 40.—Roth’s differential titration 
apparatus. 
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crucible is again placed on the tripod and the deflection of the 
galvanometer needle is observed. Then small amounts of 
reagent (0.1-0.2 cc.) are added, and the galvanometer observa¬ 
tions are repeated before and after mixing the liquid. The maxi¬ 
mum deflection occurs at the end-point. The method is suitable 
for all types of potentiometric reactions. 

A modification of the simplified methods of Cox, Macinnes 
and Jones, and Roth, has been described by T. Heczko;^^ is 
applicable to oxidation-reduction titrations. The solution which 
is Io be titrated is placed in a beaker in which two electrodes of 
bright platinum are fixed. One of the wires is wrapped in a 
spiral aroimd a piece of pumice stone, or some other material 
which can absorb the solution. The electrodes may be switched 
in series with the terminals of a sensitive galvanometer. At the 
beginning of a ferrous iron titration both electrodes dip into the 
solution. Then the spiral wire around the pumice stone is 
partly lifted from the solution (negative electrode), and the titra¬ 
tion is started. The relative amounts of ferrous and ferric iron 
in contact with that part of the wire which is not in the solution 
are practically unchanged, and at each time when the circuit is 
closed during the titration, the galvanometer indicates a current 
impulse, the intensity of which decreases very rapidly. The 
magnitude of the initial deflection increases the more closely 
the end-point is approached, and at the equivalence-point it 

AE 

reaches a maximum, for just the same reason that —has a 

Ac 

maximum at that point. 

Near the end-point the ‘^auxiliary ” electrode is completely 
wetted with the solution in order to minimize interference by the 
residual current. 

Heczko applied this method to the titration of iron with per¬ 
manganate. If the solution contains only a small amount of 
electrolyte some neutral salt is added in order to increase the 
sensitivity of the galvanometer indication. 

In a further study, Heczko®^ found that the method can 

T. Heczko, Z. analyt. Chem., 78,404 (1928). 

T. Heczko, Z. analyt. Chem., 74, 289 (1928). 
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not be applied in this form to precipitation reactions, because 
the porous material is clogged by the precipitate (silver halides); 
the resistance increases very strongly and there is no longer any 
regular relation between the current impulse and the change in 
concentration. Heczko finally found that pine wood rather 
than pumice was the most suitable material. He gives directions 
for the purification of the wood. If the same piece of wood is used 

for a second titration, irregularities in the — 

values are usually observed near the end-point. Therefore 
Heczko recommends that the values of the residual current be 
noted; these have an approximately constant value 15-20 

seconds after the addition of the reagent. - 

Ac 

shows a maximum at the equivalence-point. 

In this paper Heczko discusses the titration of chloride, 
bromide, and iodide, individually, or in presence 
of each other. Irregularities are observed, espe¬ 
cially in the titration of iodide; for details, how¬ 
ever, the reader is referred to the original paper. 

In the future this simple method may prove 
to be useful if the conditions are improved, so 
that the results will not be dependent upon acci¬ 
dental factors. 

In a later publication, Heczko simplified his 
original system. Instead of the porous material, 
he recommended the use of a micro filter tube as 
described by F. Emich,^^ or better still a micro 
filter tube with bottom of sintered glass.®® 

The inside of the capillary tube (Fig. 41) serves fig.4i.—F ilter 
as an electrode for comparison (principle some- tube with sin- 
what similar to that of Macinnes, Roth, and 
Erich Muller), in which the same type of elec¬ 
trode and solution are introduced, as in the solution to be 

*^T. Heczko, Z. analyt. Chem., 76, 183 (1928). 

*• F. Emich, Lehrbuch der Microchemie, 2 Ed., 85 (1926), 

C/. £. Schwarz-Bergkampf, Z. analyt. Chem., 69, 321 (1926). 




118 


END-POINT OF A POTENTIOMETRIC TITRATION 


titrated. In order to avoid difficulties due to diffusion near the 
end-point, the solution inside of the tube contains approximately 
50 per cent of the ion to be titrated in the form which results 
from the reaction. 

Instead of using a potentiometer, Heczko reads the current 
directly on a microammeter, with appropriate use of a high 
resistance. A maximum in the change of current strength per 
unit addition of reagent indicates the end-point. The original 
paper should be consulted for details. 

In general the authors prefer a compensation method to avoid 
polarization phenomena. 

Another modification of the method of Macinnes has been 
proposed by B. Kamienski.^^ One electrode is in direct contact 
with the liquid that is to be titrated, whereas the other is fixed 
in a capillary tube through which the liquid can flow. As the 
change in potential of the latter electrode is rather dependent 
upon the diffusion velocity (rate of diffusion at phase boun¬ 
daries) a difference in potential between the two electrodes will 
arise if the composition of the liquid is being changed. As a 
matter of fact, this difference in potential will reach a maximum 
value at the equivalence-point, where the relative difference in 
composition of the liquid at the surface of the two electrodes is 
maximal. A prerequisite for the application of the method is 
that the electrode potential itself shall reach its constant value 
very rapidly. The whole problem of the relation between the 
electrode potential, diffusion velocity, size of the capillary tube, 
velocity of stirring of the liquid, and other factors has been 
treated mathematically in a very elaborate way by Kamienski 
(we refer the reader to the original paper for the method of 
treatment). 

In order to get good results the liquid must be stirred vigor¬ 
ously during the titration. The end-point is detected by a 
needle instrument which responds rapidly, preferably a string 
galvanometer of high sensitivity (10“'® ampere per unit scale 
deflection). At the beginning of the titration the reagent 

B. Kamienski, Uber eine neue Methode der potentiometrischen Massanalyse* 
Bull, de I’Acad. Polonaise des Sciences et des Lettres, Serie A, 1928, p. 33. 
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may be added rather rapidly until a small deflection is observed. 
From then on the titration is continued very slowly,—0.1 cc. 
reagent each S to 15 seconds. A maximum in the deflection is 
observed at the equivalence-point. 

Instead of observing the maximum by a galvanometer, it 
is possible to use a telephone of high resistance (200-4000 ohms), 
or a radio loud-speaker. A commutator is placed in the elec¬ 
trode circuit, and the pulsating current is passed through the 
primary coil of a transformer. The current from the secondary 
coil of the transformer is connected to the grid of an amplifying 
tube, and the wire leading from the filament of the tube to the 



Fig. 42.—Determination of end-point by telephone (acoustic maximum) 
(Kamienski). 

1. Leads from titration cell. 2. Commutator. 3. Transformer. 4. Three-electrode vacuum 
valve. 5. Leads to telephone. Bj. Filament battery. B 2 . Plate battery. 


battery which heats the filament. (See Fig. 42.) The acoustic 
maximum which is heard in the telephone, or loud-speaker, indi¬ 
cates the end-point of the titration. 

The method can be used only in titrations where no precipi¬ 
tate is formed. Kamienski obtained good results in the titration 
of ferrous iron, stannous tin, and ferrocyanide with perman¬ 
ganate, and of ferric iron with chromous chloride. 

E. Muller and H. Kogert^® described a titration method 
based on the same principles which Kamienski used, although 
the experimental technique used in determining the end-point 
was quite different. 

•• E. Miiller and H. Kogert, Z. physik. Chem., 18B, 448 (1928). 
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E. Miiller^® described a very simple device which is some¬ 
what similar to Macinnes’ method, although the device does 
not give differential readings imless the liquid is forced from 
the capillary from time to time. (Cf. Fig. 43.) AB is a capil¬ 
lary tube with a volume of about 0.03 cc. It is dipped into the 
solution that is to be titrated, so that the liquid rises up the 
capillary tube and comes into contact with a platinum wire 
which serves as a reference electrode during the titration. 
Another platinum wire, ccc, is wound around the capillary tube, 
and serves as indicator electrode. As diffusion in the capillary 
tube is very slow, the composition of the liquid does not change 



Fig. 43.—Muller’s capil¬ 
lary electrode. 



Fig. 44.—Simple differential S3rstem of 
electrodes (Hall, Jensen, and Backstr5m). 


much during the titration. In accurate work the volume of 
liquid in the capillary tube, which is not titrated, should be 
taken into account. If the total volume is 100 cc. and the 
volume of the capillary that is filled with liquid is 0.03 cc., the 
error is 0.03 per cent. 

Comparable with this simplification is that of Hall, Jensen, 
and Backstrom; the latter, however, gives differential readings. 
The electrodes A and B (Fig. 44) are platinum wires of idaitical 
properties; one. A, is sealed into a dropper or S 5 rringe of the 
form shown in the figure. The other, B, is wound around the 

E. Muller, Z. physik. Chem., 136, 102 (1928). 

F. Hall, M. A. Jensen, and S. £. BUckstrdm, J. Am. Chem. Soc., 50» 
2217 (1928). 
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stem of the dropper. B may be thrust through the rim of the 
bulb to hold it in place. 

Simply by squeezing the bulb a portion of the liquid is with¬ 
drawn and caused to surround the inner electrode, while elec¬ 
trolytic contact is maintained through the capillary tip. After 
the measurement, repeated squeezing of the bulb causes rapid 
mixing of the entire liquid. An ordinary medicine dropper is 
quite satisfactory for the purpose. 

Later, Maclnnes and Dole^^ improved the original appa¬ 
ratus in such a way (potentiometer method or direct reading on 
a galvanometer, with a circuit including 
a radio tube,^^) that results of highest 
precision can be obtained in a relatively 
simple manner. The retarded electrode, 

E (Fig. 45) is surrounded by a tube A 
having a capillary outlet, C, at the bot¬ 
tom. Solution from the beaker is circu¬ 
lated over the electrode by means of a 
simple gas lift, L, operated by a stream 
of gas passing through the tube G. By 
stopping the gas stream the portion of the 
solution in the tube A is isolated from the 
bulk of the solution, and does not react 
when the titrating solution is added 
from the burette. When the gas stream 
is started again the solution in A is soon 
mixed with that in the beaker, and the Fig. 45 .—Differential titra- 
whole is made lUliform in composition. apparatus (Maclnnes 
The small hole, H, prevents the solu- and Dole), 

tion from running over the top of tube A in case the gas 
stream is too rapid. The capillary, C, may be quite fine, but 
should not be small enough to be clogged readily. An advantage 
of this apparatus is that an approximate location of the end-point 

can first be obtained. The gas current is stopped, and the 

# 

D. A, Maclnnes and M. Dole, J. Am. Chem. Soc., 51, 1119 (1929). 

« Using radio tube cirgiit of Wynn Williams, Proc. Cambr. Phil. Soc., 28, 811 
(1927); Phil. Mag., 6, 325 (1928). 
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Standard solution is run in from the burette until a large potential 
difference between E and E' is found. Now the gas stream is 
started; if the end-point has not been passed the potential dif¬ 
ference drops abruptly, and then increases upon further addition 
of reagent to give a sharp maximum at the end-point. 

Application of this apparatus has been made by Maclimes 
and Dole to the precise titration of iron with dichromate and of 
chloride with silver nitrate. Its adaptability for high precision 
work has been clearly indicated. 

A special application of differential electrometric titration 
has been made by Macinnes as a precision method in the deter¬ 
mination of iodine with arsenious acid, and of oxalic acid with 
permanganate. Even very dilute solutions can be titrated with 
a high degree of accuracy. In some cases, as in the titration of 
ferrous iron with permanganate or dichromate, consistent results 
could not be obtained. Macinnes suggests that this is due to 
oxidation of ferrous iron by air. 

6 . The Dead-stop End-point.—C. W. Foulk and A. T. 
Bawden'*^ introduced a more or less new idea for the deter¬ 
mination of the end-point. The device (Fig. 46) consists in a 
circuit slightly modified from that described by WiUard and 
Fenwick {loc, cit,^ p. 111). Two platinum wire electrodes are 
dipped into the solution that is to be titrated, and a low E.M.F. 
(10-15 millivolts) is applied in such a way that the back E.M.F. 
of polarization balances it, and no current flows through the gal¬ 
vanometer. If at the end-point the titrating solution depolar¬ 
izes one of the electrodes suddenly, a current may flow through 
the galvanometer and cause a deflection. The method may also 
be applied if one of the electrodes remains depolarized during the 
titration, and is polarized at the end-point by a slight excess of 
the reagent. In the latter case a current flows during the 
titration and stops suddenly at the end-point. Foulk and Baw- 
den proposed the name dead-stop end-point ” for this phe- 
A. Macinnes, ** Differential Electrometric Titration as a Precisbn 
Method,” Z, physik. Chem., Cohen Festband, 1927, p. 21. 

** C. W. Foulk and A. T. Bawden, ‘‘A New Type of End-point in Elec¬ 
trometric Titration, and its Application to lodometry,” J. Am. Chem. Soc., 48^ 
2044 (1926). 
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nomenon. The methcxi may be applied in any one of the fol¬ 
lowing cases: 

(1) One electrode is polarized. The titrating solution from 
the burette must then depolarize this electrode. This is the 
situation in the titration of thiosulphate or of arsenite with 
iodine. The anode remains depolarized throughout the titra¬ 
tion owing to the reducing agents present (before the end-point, 
thiosulphate or arsenite, and after the end-point iodide), and 
at the end-point the first trace of iodine in excess depolarizes the 
cathode. 

(2) Both electrodes remain depolarized before the end-point, 
and at the end-point one is polarized. This case presupposes the 
presence in the solution of both an oxidizing and reducing agent 
which do not react with each other, or at least not in an irre¬ 
versible way. This is the situation in the titration of iodine with 
thiosulphate or arsenite. At the end-point, or when there is a 
slight excess of reductant, the cathode will be polarized owing to 
the absence of oxidant. 

(3) Both electrodes are polarized. The titrating solution 
must then be capable of depolarizing them both. This is pos¬ 
sible because mixtures of reagents may be used as titrating solu¬ 
tions; but as a rule case (3) can be transformed into case (1) by 
the addition of a suitable reagent. 

In general, Foulk and Bawden state, at least “one of the main 
constituents of the reaction must be an efficient depolarizer, 
and the products of the reaction must not act as depolarizers 
and thus vitiate the end-point. In iodometric titrations, for 
example, the sodium arsenate and sodium tetrathionate which 
form are not cathodic depolarizers.’’ 

The necessary polarizing or depolarizing conditions are not 
limited to those directly produced by constituents of the main 
reaction. They can be brought about indirectly by the action of 
one of the main constituents upon a suitable added substance or 
mixture of substances. For example, a sharp dead-stop end¬ 
point can be obtained in titrating a strong base with a strong 
add if there is present in the solution of the base a small amount 
of iodide and a suitable oxidizing agent. 
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Figure 46 illustrates the arrangement of the apparatus. 
G is a suitable galvanometer; R, a rheostat; B, a cell (Foulk 
and Bawden used an Edison cell). C is a beaker for the titra¬ 
tions, and E~E are platinum wire electrodes. A motor-driven 
stirrer is used during the titrations. 

The essential feature of the procedure is the adjustment of the 



resistance so that the potential differ¬ 
ence between the electrodes is only 
10-15 millivolts. The end-point is char¬ 
acterized by the galvanometer: 

{a) Coming to a dead stop (titration 
of iodine with arsenite), or 

{h) Its permanent displacement from 
a position of rest (titration of thiosul- 


Fig. 46.—^Apparatus for dead- 
stop end-point (Foulk and 
Bawden). 


phate with iodine). 

The advantages of this system are: 

(1) It gives evidence of the ap¬ 


proach of the end-point by temporary swings of the galvanom¬ 


eter needle. 


(2) If the end-point is over-run the fact is at once apparent. 

(3) It is very sensitive. 

The dead-stop end-point system may be used with advantage 
especially for the titration of very dilute solutions (e.g., of 
(iodine) {cf, p. 314). 

7. The Methods of B. Cavanagh.—On a theoretical basis 
B. Cavanagh has devised some new types of titration methods 
which he distinguishes as the ^‘absolute potentiometric system 
and the ''differential potentiometric system.^' 

In the former, a Helmholtz cell is used, and the titration is 
continued imtil the equivalence-point is reached. In the 
latter, a relation is derived between the change in potential 
after a known amount of reagent has been added, and the ratio 
between the amount of reagent added and the total amount of 
unknown present in the solution. 

Although both types of systems are very ingenious, for 
practical reasons it does not seem probable that they will be 
generally applied. This is the more true since MacInnes 
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(cf. p. 122) has developed the simple differential method to 
an extremely high degree of precision. In the f 9 llowing pages 
the principles of Cavanagh^s methods will be discussed. 

A. Absolute Potentiometric System^ According to B. 
Camnagh^^ The method is based on the use of a Helmholtz 
ceil without liquid junction. If we dip into a solution, e.g., of 
hydrochloric acid, a hydrogen and a silver-silver chloride elec¬ 
trode, the E.M.F. of this cell is dependent upon the hydrogen- 
and chloride-ion concentrations, according to the equation: 

E = Eo + 0.0591 log lHi[Cli. (25^^) 
(Concentrations of ions are written instead of activities.) 

Now if we are titrating the solution of a chloride, [Cl~] at the 
end-point is equal to ^Agci, and the E.M.F. of the Helmholtz 
cell at the equivalence-point will be: 

Ee = Eo + 0.0591 log^Agci + 0.0591 log [H+], 

where ^Agci represents the molar solubility of silver chloride. 
Similarly, it is easy to calculate the E.M.F. at the equivalence- 
point in the titration of a strong add and a strong base. If the 
titration is continued until the neutralized solution is in equi¬ 
librium with the air, [He*^] is equal to 2 X 10~®: 

Ee = Eo + 0.0591 log [He+] + 0.0591 log [Cli. (25"^) 

Ee is the equivalence-potential and [He"**] is the hydrogen-ion 
concentration at the equivalence-point. 

An approximate knowledge of the concentration of the ion 
which is not titrated is sufficient (this ion is called the reference 
ion). 

From the principle that has been described various types of 
applications can be made in potentiometric titrations: 

(a) The titration is made in the ordinary way with a poten¬ 
tiometer from which an E.M.F. equal to Eg is opposed to the 
titration cell. Reagent is added until a zero-point instrument 
gives no deflection, reverses the sign of the deflection. This 
method is comparable with that of E. Muller and Treadwell 
p. 98), 

"B. Cavanagh, J. Chem. Soc. (Lend.), 2207 (1927). 
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(6) Without a Potentumeter. ^^Reference-ion Method,^^ —If 
we wish to titrate a chloride-ion solution, for example, a Helm¬ 
holtz cell can be built up of a hydrogen and a silver-silver chloride 
electrode in a solution of such acidity as will cause the E.M.F. of 
the cell to be zero at the equivalence-point of the precipitation of 
chloride ion with silver ion; the solution is saturated with silver 
chloride. In the titration the addition of reagent is continued 
until the galvanometer gives no deflection or reverses the sign of 
its deflection. (Comparable with Pinkhof’s method, although the 
principle is somewhat different.) 

It is simpler and more reliable to take, for the chloride titra¬ 
tion, a reference cell with a hydrochloric acid solution of the 
proper concentration. Its concentration, is readily found 
from the equation: 

c = >/sa,ci-IH+] = 0.0031[H+], 

where [H+] is the hydrogen-ion concentration which the solution 
that is to be titrated must have at the equivalence-point. With 
a combination of these two cells there is less liability of polariza¬ 
tion during the titration. Similarly it can be foimd for the titra¬ 
tion of a strong add with a strong base that c = 0.0016\/[C1e'“]- 

Spedal attention has been given by Cavanagh to the silver 
chloride-quinhydrone cell. In this case the silver chloride of the 
electrode does not have to be shaken with the solution; it is 
better to coat the silver with silver chloride electroly tically in a 
dilute NaCl solution (current density, 2-3 milliamp. per sq. cm). 
The E.M.F. of the quinhydrone-silver chloride cell is: 

E = Eo + 0.0591 log [Hi[Cli, (25*^) 
or 

fH+l 

E - E'o + 0.0591 log (25") 

According to Cavanagh, Eo * 0.4740 volt, whereas E'o = 0.1009 
(at 16"). 

(c) Simplification in the Use of the Quinhydrone-SUver 
Chloride Cell. —From the equation given, and the known solubility 
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of silver chloride, it may be calculated that in the titration of 
chloride the potential at the equivalence-point, Eb, is: 

Ee = 0.1866 + 0.0591 log [H+]. 

From this we see that Ee vanishes when [H+] *= S.6 X 10“*' 
In this case, as with a similar cell involving the hydrogen elec¬ 
trode, one pair of electrodes and a galvanometer is all the physical 
apparatus that is required for a titration. Similarly, for acid- 
alkali titrations, it can be shown that Ee is zero at the equiva¬ 
lence-point: 

Ee = 0.153 + 0.0591 log [C1+], 

when [Cl"] = 2.2 X 10"®. In the titration of bromide with 
the quinhydrone-silver bromide cell. Eg is zero when [H+] 
= 2.8 X 10"®, and similarly in the titration of iodide, when 
[H+] = 3.2 X 10"^ 

It is of practical importance to mention here that during 
the titration the deflection of the galvanometer should be min¬ 
imized by means of a rheostat, in order to avoid any tendency 
toward polarization of the electrodes. 

The method of Cavanagh seems to have distinct advantages 
especially in the titration of very dilute halide solutions. The 
authors wish to call attention to a disadvantage; we need to 
know exact values of the solubility products or reaction constants 
of the reaction on which the titration is based. Thus far we have 
represented all of the ion concentrations by the total concentra¬ 
tions of the ions in question; if, however, rather large amounts 
of electrolytes are present, the activities of the ions may differ 
considerably from unity, and an adequate correction should be 
applied. Another disadvantage is Uiat the concentration of 
the reference ion has to be known approximately. This pre¬ 
requisite is more or less of an objection for general application 
of the method. On the other hand, it is of great ^vantage 
that the cell has no liquid-jimction potential. 

It app>ears, therefore, that the methods of Cavanagh can 
be applied advantageously only in sp)ecial cases. 

B. Diferential Poteniiometric System.—B. Cavanagh devd- 
••B. Cavanagh, J, Chem. Soc, (Lend.), 843 (1928). 
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oped several methods by means of which the equivalence-point 
can be detected in a new way. These new methods are of 
special significance in the titration of very dilute solutions 
{micro-titrations ). 

Principle of Method L —The potential of a reversible electrode 
dipping into the solution of the corresponding (univalent) ion, 
of concentration c, is given by the equation: 

RT 

E=Eo + ^log^7,.(1) 


where y is the activity coefficient of the ion. Suppose this ion 
is to be titrated by means of a standard solution of reagent of 
normality n, and that the solution is chemically equivalent to 
Mo cc. of the reagent, so that the object of the titration is to 
determine Mo. If the volume of the solution is Vo cc., the 


concentration, c, is equal to 


;^Mo7o 

Vo ’ 


and the initial potential of 


the electrode is: 


RT 

Eimt, = Eo H—^ log 
r 


nMo7o 
Vo ’ 


( 2 ) 


Suppose now, that any quantity, m cc. (less than Mo) of the 
reagent is added to the solution, reacting completely. The 
solution is now equivalent to (Mo — m) cc., and the volume has 
increased to (Vo + m) cc. The potential of the electrode will 
therefore be: 


E = Eo “f“ 



nMy 


(3) 


where M = (Mb — m); V = (Vo + >»); and y is the activity 
coefficient, under the changed conditions. The potential change, 
e, due to the addition of m cc. of reagent, is therefore: 


RT, mMo7o RT, nM.y, 
8 = —log^rt-^log- 


F 

RT 


F V. 


Vo F 

Mo7o RT 


V 
M 7 


-IF'”* V 


(4) 


As a first approximation we can put 70 == 7 , and if w is assumed 
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to be negligibly small in comparison with Vo, we can put V — Vo, 
and 


RT, Mo RT 


log(l+|). ... (5) 


M 


Thus at constant temperature, c is a function of —, and con- 
, m 

versely, the ratio — is a function of c: 
m 


M 

m 



- 1 


)• 


On p. 853 of his paper, Cavanagh gives a table of the values of 
/(e) at 17° C. 

Thus the measurement of a single potential change, (e), 
that is produced by the addition of the arbitrary quantity of 
reagent {m cc.); suffices with the aid of the table to determine 
M, and therefore Mo, the result of the titration. A correction 
for the changing volume of the solution and the change in the 
activity coefficient may be approximated separately. In equa¬ 
tion (4) c can be divided into three additive parts: 

8 = Cm *4” Cv Cy 

where 



and comparison with equations (4) and (5) shows that 
M 

— “/W =/(8- 8v+ 8,) 
m 




= /(8.) 
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The correction for the change in 7 is usually very small, espe¬ 
cially when the reacting ion has the same valence as that which 
takes its place. 

It is essential that m should be less than Mo. If the result 
of the titration (Mo) is approximately known beforehand, m 
may be large at once, and a precise result obtained from the 
measurement of a single potential change. Otherwise the 
reagent must be added in two or even three stages, with corre¬ 
sponding potential measurements. It is not necessary that e 
and m should always be measured from the beginning of the 
titration. Any stage may be taken as a starting point, for at 
any stage (so long as the reaction may be regarded as complete) 
if M' is the volume of reagent still required, and the volume of the 


solution is V' cc., the concentration of the ion titrated is 


V' ’ 


and the potential of the electrode is: 


E' 


= Eo + -jr log 


wMV' 
V' ' 


The precision depends mainly on the smallness of 


M’ 


which is 


independent of the stage from which m is reckoned. 

The method is applicable to the titration of univalent ions 
(Ag*^, H+, Cl“’, Br”", I~, OH“, CN“", etc.). In the case of a 
bivalent ion it would only be necessary to multiply all potentials 
by 2 . The method can also be adapted to oxidation-reduction 
titrations. 


The precision depends upon the condition that the reagent 
added to the solution reacts completely, removing from the 
solution a chemically equivalent quantity of the ion titrated. 
In a strict sense, of course, this condition would never be ful¬ 
filled, but it holds as a close approximation except in the imme¬ 
diate neighborhood of the equivalence-point. From mathe¬ 
matical considerations Cavanagh concludes that M must be 
SV 

greater than 7—, in which S represents the solubility product. 


The method is of especial importance for the titration of very 
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dilute solutions; 0.001 N chloride, 0.0002 N bromide, and 0.001 
N iodide were titrated with an accuracy of 0.3 per cent. 

In a further study, Cavanagh^’^ worked out two refined 
methods, especially adapted for use with very dilute solutions. 
One of the methods is an extension of that which we have 
described, to and beyond the end-point; it depends upon a 
fairly precise knowledge of the solubility product of the sub¬ 
stance that is formed during the titration. 

The other method is independent of a knowledge of the con¬ 
stant. From the potential changes produced by two successive 
additions of reagent, the end-point of the titration is accurately 
found, either by a simple calculation (for tables see original 
article), or by using a set of curves (given in the original paper). 
It is beyond the scope of this book to give a more detailed dis¬ 
cussion of Cavanagh^s papers; the few special (and very advan¬ 
tageous) applications do not justify a repetition here of the 
extensive mathematical derivations which Cavanagh gives.^® 

At this point a paper by Mile, de Brouchere may be men¬ 
tioned, although it is hardly of any practical significance. She 
bases the method on the following principle: If a cation like 
copper has to be determined in a solution, the metal in question 
(here copper) is dipped into the solution. The half-cell is joined 
by a salt bridge to a similar half-cell, which contains a known 
amoimt of a more concentrated solution of the cation. The cell, 
therefore, behaves as a concentration cell and shows an E.M.F. 
Water is added from a burette to the more concentrated solution 
imtil the E.M.F, of the cell is equal to zero. At this point the 
cation concentration in both half-cells is the same, and as the 
composition of the solution in one of the half-cells can be calcu¬ 
lated, the unknown concentration is found very simply. 

As a matter of fact, this method has almost no practical 
significance, because it is based on the assumption that the 
activity of the unknown ion in both half-cells is the same. This 
will hold only if both solutions contain the same type and con- 
B. Cavanagh, J. Chem. Soc. (Lend.), 855 (1928). 

* In a subsequent paper B. Cavanagh, J. Chem. Soc. 1425 (1930), gives a 
more general treatment of the previous theory and its practical application. 

Mile. L. de Brouchte, Bull. Soc. chim. Belg., 7, 103 (1928). 
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centration of ions; but if the unknown solution contains other 
electrolytes, the method gives quite erroneous results. 

8. Continuous-reading Methods.—Instead of reading and 
plotting the changes in potential, it is possible to have these 
changes recorded automatically by an instrument of the type 
that has been perfected for automatic thermocouple records. 
Such recording instruments may be provided with devices for 
adding reagent at a given potential reading, or releasing alarm 
signals, etc. Some of these applications have been described 
by Keeler. These automatic devices depend upon the suc¬ 
cessive mechanical balancing of a modified Wheatstone bridge 
after small changes in potential. 

We have described in (§ 4, p. 104) continuous-reading method 
of titration in which a small current is drawn from the electrodes 
of the titration cell to operate a sensitive galvanometer, milli- 
ammeter of millivoltmeter. A suitable high resistance is placed 
in the circuit in order to prevent serious polarization of the 
electrodes.®^ 

Use of Thermionic Vacuum Tubes Audio ” or Radio 
Tubes) —^Three- or four-electrode vacuum tubes are finding 
rapidly increasing application in the fields of potentiometric 
titration and of pH measurement. Two different types of 
uses of the tubes should be pointed out: (1) For continuous 
measurement of E.M.F. by means of a current-indicating instru¬ 
ment in the plate circuit of the tube and (2) as a null-point instru¬ 
ment in measuring the E.M.F. of a cell of high internal resistance. 
We shall describe these two types of application. 

(1) Continuous Measurement of EM,F, —Some of the char¬ 
acteristics of vacuum valves which are of importance in this type 
of application will be evident from inspection of Fig. 47. We see 
that there is a certain range of voltages applied at the grid over 
which the plate current is a linear function of the applied voltage. 

Keeler, J. Ind. Eng. Chem., 14, 395 (1922); Power, 55, 768 (1922). Cf» also 
Rideal, Chemical Age (London), 5, 232 (1921). C/. Furman, Chap. Xm, p. 901, 
2d Edition. 'Baylor’s Physical Chemistry, D. Van Nostrand Co., (1931). 

This method has been used by Treadwell and Weiss, Helv. Chim. Acta, 2, 
672 (1919); Furman and Wilson, J. Am, Chem. Soc., 50, 277 (1928), and by many 
other investigators. 
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An increase in plate voltage, E^, for example from 50 to 100 
volts (Fig. 47), causes the linear portion of the graph of ip vs. 
to be shifted to a more negative region (E(,). For potentiometric 
titrations it is desirable to have 
the graph linear between 0 and 
— 2 volts (Ef). The graphs pre¬ 
sented in Fig. 47 are typical of 
many three-electrode tubes. If 
a screen grid (four-electrode) 
tube is used, it is generally pos- 
sible to find a linear grid volt¬ 
age-plate current relationship 
at a lower plate voltage in the 
region 0 to —2 volts grid volt¬ 
age. 

If the electrodes remain un¬ 
polarized it is important to 
bridge the titration cell between 
the negative end of the filament 

circuit and the grid, with the of plate current (.>) in mirnamperesagain^ 

^ ^ voltage between negative side of filament and grid. 

negative electrode of the cell 

connected to the grid. The grid current may then be zero or of 
very small magnitude, as is shown in Fig. 48. If, on the other 
hand, the positive electrode of the titration cell is joined to the 

positive side of the 
filament circuit the 
grid current is not 
negligible in the de- 
sirable working 
range, (See Fig. 48.) 
If due regard is 
Fig. 48. — Grid current as a function of grid voltage given to the charac- 
(Goode, 1922). teristics of the par¬ 

ticular tube in question, it is possible to have the instrument in 
the plate circuit (Fig. 49) give readings which may be calibrated 
in terms of applied grid voltage. Goode was the first to devise 
“ Goode, J. Am. Chem. Soc., 44, 26 (1922). 


-20 -16 -10-5 0 

Ea volt 

47.—Characteristics of three-elec¬ 
trode vacuum tubes. 



-1.25-1.0 -0.6 0 +0.6 41.0 

Eg (VoltB to Neg. End of Filament) 
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such an arrangement for titration purposes. His improved 
set-up is represented in Fig- 49. 

In effect, the apparatus acts as a simple voltmeter which 
draws almost no current from the titration cell. After the 
residual plate current has been balanced out by adjustment of 
R', if the conditions have been properly chosen, the current of 
the galvanometer circuit is a linear function (within 1 per cent) 



Fig. 49.—Continuous-reading electro-titration apparatus of Goode. 


H, hydrogen electrode. 
C, calomel cell. 

Bi, 6-volt battery. 

B 2 , 22.5 volt battery. 
Ri, 0.6-ohm resistance. 
R 2 , 25-ohm resistance. 


G, galvanometer. 

A. electron tube. 
p, plate. 

/, filament. 
g, grid. 

R^ balancing resistance (about *300 ohms). 


of the potential difference which is developed between the 
electrodes of the titration ceU. 

Calhane and Cushing were the first to apply .an arrange¬ 
ment similar to that of Goode to a precipitation reaction, viz., 
the determination of chloride in very dilute solution with silver 
" Calhane and Cushing, J. Ind. Eng. Chem., IS, 1118 (1923). 
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Treadwell (1926) 



nitrate. Treadwell ^ has also applied a slightly modified appar 
ratns of the same general nature to the precipitation of chloride 
with silver solution. He uses the electrode system which he 
devised (cf, § 2, and 
Fig. 32, p. 98), His- 
arrangement differs 
from that of Goode in 
the following particu¬ 
lars: The galvanometer 
is replaced by a volt¬ 
meter; a Philips tube 
Type DI is used in¬ 
stead of the radio- 
tron type UV 201 of 
C]k)ode’s apparatus; a potential of 1.6 volts is introduced into 
the circuit in series between the negative (indicator) electrode 
of the titration cell, and the grid of the electron tube (Fig. 50). 

The direct-reading feature is made possible by the fact that 

the tube is essentially 
a potentiometer which 
draws virtually no 
current from the ti¬ 
tration cell, nor under 
proper conditions can 
any current be sup¬ 
plied to the cell. In 
the words of Tread¬ 
well (loc. cit): ^^As 
long as the grid is 
negative toward the 
source of the electrons 
(filament) it is unable to take up electrons. The grid takes up 
only as much electricity as its small electrostatic capacity will 
permit at the applied potential. . , . The grid only influences 
the anode current (plate current) by its electrostatic action.” 

By making very minor changes, Treadwell also applies his 
Treadwell, Helv. Chem. Acta, 8,89 (1925). 



Fig. 51.—Application of circuit shown in Fig. 50 to 
conductance titrations. 
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electron-tube arrangement to conductometric titrations (Fig. 
SI). 

Popoff and Hildebrand suggested a modification of Goode’s 
circuit in order to increase its sensitiveness. 

Williams and Whitenack have studied the application of 
the radio valve in potentiometric titrations. The circuit which 
they used was practically identical with that of Treadwell {cf. 
Fig. 50). A Cunningham tube of type CX 299 was used, as it 
requires a small filament current. The latter was kept constant 
with the aid of a resistance and ammeter. The plate or ” 
batteries were the usual 22.5 volt units, of which one or more were 
used. The battery in series with the titration cell (“C ” bat¬ 
tery) was either one or two 1.5-volt drycells. Good results were 
obtained in oxidations with permanganate, bichromate, or iodine, 
and in neutralizations. 

U. Ehrhardt has proved the utility of the direct reading 
electron-tube assembly, as described by Treadwell, over a number 
of years in an industrial laboratory; he devised a titration cell 
with electrodes suitable for all tyj^es of potentiometric and con¬ 
ductance determinations.*'’® 

Apparatus that is now commercially available has been 
shown to be suitable for potentiometric titrations {cf. Willard 
and Yoimg, J. Am. Chem. Soc., 51, 148 (1929). 

Bienfait has constructed a very ingenious automatic 
device for making potentiometric titrations, either on a macro 
or micro scale. The change in E.M.F. and the volume of liquid 
are plotted as abscissas and ordinates, respectively, on a graph; 
the rate of addition of reagent is controlled by the rate of diange 
in E.M.F., so that the reagent is added very slowly near the end¬ 
point. The potential measurements are based on the amplifying 

**S. Popoff and Hildebrand, Proc. Iowa Acad. Sci., 33, 172 (1926). 

««J. W. Williams and T. A. Whitenaek, J. Phys. Chem., 31, 519 (1927), 

•^U. Ehrhardt, Chem. Fabrik, pp. 443, 455, 463 (1929). 

“ Cf. also R. W. Gelbach and K. G. Compton, Ind. Eng. Chem., Analyt. Ed., 
8 , 396 (1930). 

••For example: Thermionic voltmeter type D.P.2 of the General Electric 
Company. 

•®H. Bienfait, Thesis, Amsterdam, 1928. 
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method of Goode {loc. cit) as modified by Bienfait.^^ The appa¬ 
ratus is rather complicated, and its complete description falls 
beyond the scope of this book. It may be very advantageous to 
use when a long series of similar titrations is to be made, since 
much time may be saved. 

We have described Kamienski’s application of the audio tube 
to differential titrations on pp. 118-119. 

Fr. Muller has reviewed the principles of the measurement 
of E.M.F. with the aid of the audio tube, and has described 
the construction of an instrument suitable for potentiometric 
titrations. 

Goode has described an improved hydrogen-ion meter.®^ 
This device is in effect a continuous-reading potentiometer. It 
differs from the apparatus which is shown diagrammatically in 
Fig. 49 in that two additional electron tubes are used to amplify 
the current of the plate circuit about twenty-five fold. It is 
then possible to replace the galvanometer by a sensitive milli- 
ammeter. The scale of the milliammeter may be calibrated 
directly in terms of pH. units. Ingenious devices are provided 
for checking the calibration of the instrument, testing the 
performance of the individual electron tubes, etc. 

In a further study, Goode devised a simplified (two-tube) 
circuit which has been made the basis of the Palo Acidity Meter. 
The advantage of using two tubes is that a relatively inexpensive 
milliammeter serves as an indicating instrument. Tubes with 
oxide-coated filaments (Types 101 D, 102 D) were foimd to 
operate for longer periods without changing their characteristics 
than did tubes with other types of filaments. Goode also de¬ 
scribes a pH instrument which employs alternating current tubes; 
the instrument may be operated directly from the A.C. lighting 
circuit without the use of batteries. 

(2) Use of the Thermionic Vacuum Tube as a Null-point 
Instrument .—The internal resistance of a ceU containing a glass 

H. Bienfait, Rec. Trav. Chim., 45,166 (1926). 

Fr. Muller, Z. Elecktrochem., 36, 923 (1930). A bibliography is given. 

« Goode, K. H., J. Am. Chem. Soc., 47, 2483 (1925). 

K, H, Goode, J. Opt. Soc. and Rev. Sci. Instruments, 17, 59 (1928). 



138 END-POINT OF A POTENTIOMETRIC TITRATION 


electrode is usually so high that its E,M.F. can not be measured 
with ordinary types of potentiometers and galvanometers. 
It is possible to use a quadrant electrometer as a null-point in¬ 
strument, or to construct a vacuum tube assembly which will 
serve to indicate the point of balance in a circuit of high resist¬ 
ance. In this type of use, an instrument in the plate circuit of 
the thermionic vacuum tube serves merely as an indicator of a 

point of balance, and the reading in 
general has no direct relation to the 
E.M.F. 

The following considerations are 
important for work with cells of high 
resistance: (i) A high resistance in 
the grid circuit alters the characteris¬ 
tics of the relationship between plate 







Fig. 52.—Showing effect of high current and grid voltage, as IS shown 
resistance upon tube character- in Fig. 52. (ii) If accurate results are 
istics. (Schwarzenbach, 1930.) obtained no current must flow 

there is a low resistance in the grid cir- m the gnd Qrcmt. A cmrent as smaJl 

cuit, and 2. the graph when there is a 33 JQ"® ampereS flowing thrOUgh a CCll 
high resistance in the grid circuit as, for ^ * o o 

example, a glass electrode, ip is plate containing a glaSS cleCtrodc WOUld 
current. Eg grid voltage. Ec is the dif- .-i i_ .. t tyr a 

ference necessary in a given case to bring P^S thrOUgh a rCSistanCC of 2S'~40 

the high resistance grid voltage to a value mCgolimS, and a SerfoUS polarization 

which will supply the same plate current ^ ^ 

as that given by the low resistance cell CffcCt WOUld OCCUT at thc clcCtrodcS* 

Elder and Wright es and later 
Elder®® have modified Morton’s®^ circuit, as shown in Fig. 53. 
It will be observed that the E.M.F. of the imknown cell, X, is 
measured by finding an adjustment of the potentiometer, Po, 
such that the instrument Ga gives an arbitrary predetermined 
scale reading. Then after moving switch S to position a, the 
potentiometer is readjusted until the arbitrary scale reading of 
Ga is restored. The difference in the two p>otentiometer readings 
gives the E.M.F. of the unknown cell, X. The potentiometer 
is adjusted by putting a standard cell in place of the cell, X. 


“L. W. Elder and W. H. Wright, Proc. Nat. Acad. Sd., 14, 936 (1928). 
“ L. W. Elder, Jr., J. Am. Chan. Soc., 61, 3266 (1929). 

^Morton, Trans. Faraday Soc., 24, 14 (1928). 
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Partridge used essentially the same general compensation 
principle in the development of a two-tube circuit. He sub¬ 
sequently modified and simplified the circuit as shown in Fig. 
54.®® The whole device 
serves as a galvanom¬ 
eter in many circuits 
where a D.C. null in¬ 
strument is required. 

With a special tube 
which was developed 
for use in the device a 
current of the order of 
10“^® amperes is all 
that is required at, or 
near, the null point. 

Operation of the 
device 

applying a potential 



Fig. 53.—^Morton’.s circuit as modilied by Elder. 

Gi, G 2 galvanometers (G| is not essential to the application 
depends upon method, but serves to detect grid current). Po. poten¬ 

tiometer; X unknown cell; Sat> switch. 


a 

to the grid which is equal to that which is assumed by the grid 
on open circuit. Partridge describes the operation of the 

circuit as follows: With 
the switch, S, at posi¬ 
tion O, Rg is adjusted 
until the galvanometer, 
G, reads zero, when the 
tapping key, T, is de¬ 
pressed. Switch S is 
now thrown to position 
B and Rb is adjusted 
until the galvanom¬ 
eter again reads zero 
when T is pressed. The 
tube is now in adjust¬ 
ment to operate at free 



Fio. 54 .- 


-Partridge's zero current vacuum tube 
galvanometer. 


grid potential and minimum grid current. 


“H. M. Partridge, J. Am. Chem. Soc., 51, 1 (1929). 
** H. M. Partridge, Private Communication. 
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Switch S may now be thrown to position E, and the instru¬ 
ment connected to any circuit where a galvanometer is required. 
T now becomes the galvanometer tapping key in the ordinary 
circuit and G takes the place of the ordinary galvanometer. 
The milliammeter, MA, is used only to show when plate current 
is flowing in the vacuum tube. 

Stadie described a “balanced Wheatstone bridge circuit 
in which radio tubes and a high sensitivity galvanometer are 
used to determine the potentiometric balance. 

Fosbinder has criticized the first circuit of Partridge, and 
those of Stadie, and Elder, on the ground that in any of these 

circuits current may be flowing in 
the grid circuit at the point of bal¬ 
ance, and therefore cause an IR 
drop in the unknown cell and hence 
an error in the measurement of its 
E.M.F. Fosbinder gives a simple 
mathematical discussion of the con¬ 
ditions under which it is possible to 
use the tube without drawing cur¬ 
rent from the cell. The grid current 
is a composite of several factors 
which give a composite curve of the form shown in Fig. 55. 
It is evident that the grid current will be zero on open circuit, and 
at one other point {cf. Fig. 55). Fosbinder operates at the second 
point; the circuit, which is especially adapted to measurements 
with the glass electrode, is represented in Fig. 56. In order to 
determine the position where ig is zero, the tube is allowed to 
operate for about 20 minutes to reach a steady state. The cir¬ 
cuit is adjusted so that the milliammeter in the plate circuit reads 
about 0.5 milliampere. Then with the grid circuit open, Ri 
is adjusted xmtil the galvanometer shows no deflection. Si 
is now closed, and R 4 , Rs, Re are adjusted until the galvanometer 
again shows no deflection. When the switch. Si, is opened again, 
the galvanometer should still show no deflection. 



Fig, 55. —Grid current as a func¬ 
tion of grid voltage (Fosbinder), 


W. C. Stadie, J. Biol. Chem., 88, 477 (1929). 

R. J. Fosbinder, J. Phys. Chem., 84, 1294 (1930); 
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In order to measure the unknown E.M.F. (R) switch S 3 is 
closed with Si and S 2 opened. The potentiometer is then 
adjusted until the galvanometer reads zero upon tapping the 
key. The E.M.F. of the unknown is then read from the poten¬ 
tiometer. An accuracy of dbO.OOOl volt is stated to be obtain¬ 
able. 

Schwarzenbach'^2 employed a balanced Wheatstone bridge 



Fig. 56. —Circuit devised by Fosbinder. 


R, unknown cell. 

K-i, fi, 10,000 ohm, rj, 5,000 ohm, fs, 100 ohm 
rheostats. 

Ra, 100,000 ohm grid resistor. 

Rj, 25 ohm rheostat. 

R 4 , 5 ohm rheostat. 

R 5 , 200 ohm rheostat. 

Re, 2000 ohm potentiometer. 

Si, S 2 , St, sulphur insulated switches. 

S 4 , double-pole double-throw switch. 

$ 6 , double-pole single-throw switch. 


P, Leeds and Northrup potentiometer. 

G, No. 2420c Leeds and Northrup galvanome¬ 
ter. 

MA, Weston No. 506, 1.5 miUiamp. milliamme- 
ter. 

Vi, nine drycells in series parallel to give 4.5 volts. 
Va, 1 drycell. 

V 4 , 4 or 6 volt storage battery. 

Vt, two 45 volt heavy duty “ B " batteries. 

The tube is a type UX -222 screen grid, or 
tetrode. 


somewhat similar to that previously used by Stadie (loc. ciL). 
The general scheme of the apparatus is shown in Fig. 57. (The 
filament and screen-grid circuits are not shown.) With the 
switch, S, closed, the same grid potential is applied in each tube. 
At balance (galvanometer G reads zero) the resistance relations 


G. Schwargenbach, Helv. Chim. Acta;^ 865 (1930). 
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Ti Ri 

are — = —. Now if switch S is opened the balance is destroyed, 
T2 R2 

and it may be restored by adjusting the potentiometer P. If the 
resistance in the unknown circuit is small, the potentiometer 
readings give the E.M.F. With a high resistance circuit it is 
necessary to add an E.M.F., Ec, (Fig. 52) to allow for the change 
in the tube characteristics (Fig. 52). With a reversing switch in 
the circuit it is possible to make two measurements, one where 
Ec is added, the other where it is subtracted from the poten¬ 
tiometer reading. The arithmetical mean of the two gives the 
E.M.F. of the cell. 

The complete 


circuit is indicated in 



G.B. 


Fig. 58. It will be 
observed that the 
grid circuits of both 
tubes are operated 
with a resistance of 
at least 10 meg¬ 
ohms. Schwarzen- 
bach tried various 
resistances in the 
circuit of T 2 , and 
gives data which are 
within 0.0003 volt 
of the E.M.F. of a 
known cell. He 
does not, however, 
discuss the question as to whether enough grid current flows to 
cause appreciable polarization of a cell of high internal resistance. 

In order to obtain good results with the vacuum tube circuits 
in measurements on cells containing a glass electrode, the follow¬ 
ing precautions which are mentioned by Fosbinder, Schwarzen- 
bach, and others, should be observed: 

1. The glass and calomel electrode vessels must be mounted 
in such a way that electrical leakage is prevented. (Sulphur 
insulation is especially suitable.) The glass surfaces must be 
dean. 

2. The surface of the vacuum tube is deaned (alcohol), and 


Fig. 57.—Balanced Wheatsone bridge circuit. 

C, cell to be measured. P, potentiometer. S, switch, 
grid battery. B, anode or plate battery. R,, R^, fixed resistances. 
G, sensitive mirror galvanometer. (Filament batteries, screen-grid 
circuits, and auxiliary circuits not shown.) 
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the tube is mounted in a desiccator, or within a double-walled 
evacuated vessel (Schwarzenbach). Temperature changes must 
be avoided, as well as mechanical vibrations. 



Fig. 58.— Complete diagram of circuit shown in Fig. 57. (Schwarzenbach, 1930). 

Ri, Rj, 10,000,000 ohm fixed resistances. Bi, filament batteries, 4 volts; B2, anode or plate 

R*, R4, 10,000 ohm fixed resistances. batteries, 22-50 volts; G.B., grid battery, 2 

Rp, 10,000 ohm variable (plug) resistance. volts. 

Rfi, Re, 30 ohm resistances, soldered fast after C, unknown cell; S.C., standard cell; P, poten- 
adjustment. tiometer; K, tapping key; G, sensitive gal- 

Ti, Tj, screen grid (S.G.) tubes of type A-222. vanometer. 

Sii $2, $2, double-pole double-throw switches. 

The tubes, and resistances Ri to Rc, were on a hard rubber plate, which was placed in a Faraday cage 
(lead box). The switches and key were operated with glass rods attached by means of rubber tubes. 
The tubes Ti, T2, were mounted on paraffined corks, and covered with evacuated double-walled ves¬ 
sels, silvered on the inner surface. 

3 . Good electrical shielding must be resorted to in certain 
parts of the circuit (cf. Fig. 58). The switches within the 
shielded part of the apparatus are operated by glass rods. Fos- 
binder uses gold contacts in the switches in this part of the circuit. 



Part III 


PRACTICAL APPLICATIONS 


CHAPTER VII 


PRECIPITATION AND COMPLEX-FORMATION REAC¬ 
TIONS, WITH METALLIC OR NON-METALLIC 
ELECTRODES 


1. The Silver Electrode.— 


= 


0.798 - Eg 
0.0591 


(At 25® C.) 


Eh is the E.M.r. of the unknown electrode as related to the 
normal hydrogen dectrode. 

Electrode .—For potentiometric titrations a piece of pure 
silver wire, a piece of silver melted into a capillary tube, or a 
platiniun gauze coated dectrolytically with silver may be used. 

It should be remembered that the potential given by a silver 
dectrode is somewhat dependent upon its history and espedally 
upon its mode of preparation. Individual differences of a few 
millivolts often occur between different types of sUver dectrodes 
even in solutions containing fairly high silver-ion concentrations. 
Moreover, oxygen affects the dectrode to a marked extent in 
extremdy dilute silver solutions, with a slight buffering action 
for silver ion. For more predse measurements one of the authors 
(Kolthoff) uses a platinum gauze dectrode which is dectrolytic¬ 
ally coated with silver at a low current density (ciurrent strength 
of the order of 2-10 milliamps.) in a bath of pure potassium silver 
cyanide. After coating, the dectrodes are washed a very long 

144 
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time with water, until the last traces of cyanide are removed. 
The electrodes are then ready for use. Air must be removed 
from extremely dilute solutions; otherwise serious irregularities 
are observed. 

W. Clark * uses pure silver wire which is first cleaned with 
emery doth and then immersed, until it gases freely, in a solu¬ 
tion of nitric add (1 :1) to whidi a little sodiiun nitrite has been 
added. Such an electrode comes to equilibrium immediately 
upon being immersed in a chloride solution, and the potential 
alteration on addition of the first drop of silver nitrate is very 
small. 

According to Clark, electrodes treated in this way are quite 
trustworthy. 'cTf an electrode has been used for a halide titration, 
it must be scraped dean, and treated again with nitric add.'^"' 

Determination of Halides. —R. Behrend^ was the first to 
apply the silver electrode to the analytical titration of chloride, 
bromide, and iodide. He attained an accuracy of about 0.5 per 
cent. He also used the silver electrode for the separation of the 
different halides. His resxilts will be discussed later. 

A spedal study of the titration curve of silver with chloride 
in the presence of large amoimts of salts has been made by W. D. 
Treadwell.® The salts change the shape of the curve to a marked 
degree, owing to complex-formation of the silver ions with the 
added salt and changes in the activity coeflfidents of the ions. 
The end-point is formd when an excess of silver is still present, 
at least when the reference electrode consists of a suspension of 
silver chloride free from the salt (c/. p. 155). If, however, the 
reference electrode has the composition which the solution to be 
titrated will have at the equivalence-point, no error will result 
because of the complex-formation, and the repression of the disso¬ 
ciation (activity). 

If we determine the position of the end-point by the general 

/ AE\ 

method n.e., by the calculation of the maximum the salt 

‘ W. Clarit, J. Chem. Soc., p. 749 (1926). 

* R. Behnaul, Z. pbysik. Chem., 11,466 (1893). 

» W. D. Treadwell, Hdv. CSiim. Acta, t, 672 (1919). 
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error will usually be negligible, in the opinion of the authors. 
Let us assume that the salt BA, which is added, forms the com¬ 
plex BAAg+ with the silver ions; then we may write: 

BA -1- Ag+ ^ BAAg+, 

and 

[BA][Ag+] 

[BAAg+] 

KflompL is the complex constant. Since these complexes are usu¬ 
ally not very stable, K will be rather large; the concentration 
of the salt added is also very large; therefore we may take BA 
in the equation as a constant. We then have: 

[Ag+] ^ , 

[BAAg+] 

From this equation we see that at each silver-ion concentra¬ 
tion a different part of the silver, but always the same relative' 
part, is removed as complex ion. Hence the ratios of the silver- 
ion concentrations at different stages in the titration will be the 
same as those for the salt-free solution. Therefore the jump in 
potential will occur at the same place as in the salt-free solution. 
^The complex-formation will cause an error of appreciable impor¬ 
tance only in the titration of very dilute solutions of silver con¬ 
taining a high salt concentration. 

Besides complex-formation, we have to consider that neutral 
saks decrease the activity coefficients of the silver and chloride 
ions in the solution, and that with increasing ionic strength the 
solubility of silver chloride increases, and the jump in potential 
decreases. Moreover, adsorption phenomena interfere, and are 
responsible for the fact that the theoretical and practical titra¬ 
tion curves do not coincide. 

Considering the titrations of halides with silver nitrate in 
a general way, we must bear in mind the fact that the silver 
halides which are formed during the titration have an adsorbent 
action on the halide ion (or on the silver ion if it is present in 
excess in the solution), in the precipitated as well as in the 
colloidal state, j For this reason the changes in the potential 
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near the equivalence-point differ from the theoretical values. 
A systematic study of this point has been made by A. Lotter- 
moser and W. Petersen.^ “ The extent of the adsorption increases 
with decreasing solubility of the halide salts. In general, the 
adsorption of the halide ions from the solution is larger than that 
of the silver ions under comparable conditions. It is peculiar 
that silver thiocyanate has less adsorbing power toward thio¬ 
cyanate ions than silver bromide has for bromide ion. In making 
accurate titrations one has to wait near the equivalence-point 
until the potential is constant. Under these conditions the 
titration of bromide, iodide, and thiocyanate gives results accu¬ 
rate to 0.008 per cent for concentrations between 0.1 and 0.01 N 
(cf, also Lange and Schwartz). In precision work the fact that 
the silver halides are sensitive to light must be considered. 
This holds especially for negative silver chloride and bromide sols, 
and it is better to make exact measurements with protection 
from light (rf. Lange and Schwartz). Under the influence of light, 
silver chloride ^ and bromide are fairly rapidly decomposed and 
send halide ions into solution. 

E. Lange and R. Berger ® have made an extensive investiga¬ 
tion of the adsorption of silver and iodide ions, respectively, by 
silver iodide. The amount of ions adsorbed is practically inde¬ 
pendent of the temperature between 20° and 90°, though the 
solubility of silver iodide increases markedly with the tempera¬ 
ture. For details see below. 

CMoride: ^Agci = about 10~’^. 

According to Liebich'^, the potential very rapidly assumes 
a constant value in the titration of chloride with silver nitrate. 
The titration yields accurate results even at dilutions of 0.001 N 
chloride. At greater dilutions good results are no longer 
obtained, partly because of the disturbing influence of the solu- 

* A. Lottermoser and W. Petersen, Z. physik. Chem., 183, 69 (1928). 

^Lundell and Hoffman, Bur. of Standards, J. of Research, 4, 109 (1930), give 
quantitative data of the effect of light on silver chloride in analytical precipitations. 

® E. Lange and R. Berger, Z. Elektrochem., 36, 171 (1930). 

^ C. Liebich, Die potentiometrische Bestimmung von Chlor, Brom, und Jod 
Dissertation, Dresden (1920). Also Schindler, Dissertation, Dresden (1920). 
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bility of silver chloride. Addition of sulphuric acid to dilute 
solution has a favorable effect. The presence of an electrolyte 
such as barium nitrate or nitric acid is generally without influence 
on the result. 

E. Lange and E. Schwartz ® increased the accuracy of the 
titration of chloride and bromide with silver nitrate. They suc¬ 
ceeded in a rather easy way in attaining an accuracy of 0.007 per 
cent. In order to reach such high accuracy the potential values 
must be read with a certainty of about 0.05 millivolt (potentiom¬ 
eter). The silver electrode must be dipped into the liquid and 
may not come in contact with the air, since irregular measure¬ 
ments may result. 

Continuous stirring in the immediate neighborhood of the 
electrode is necessary during the titration. The lower the 
temperature near the end-point, the more accurately the deter¬ 
mination may be made. The connection between the calomel 
half-cell and the titration vessel was made with a 10 per cent 
ammonium nitrate solution. 

Lange and Schwartz used weight burettes for the most accu¬ 
rate measurements of the volume of reagent, and near the 
equivalence-point volume burettes, filled with a very dilute 
reagent solution. 

As silver chloride is more soluble than the bromide, the 
break in potential at the equivalence-point is not as large as with 
bromide. This disadvantage may be partly overcome by carrying 
out the determination of 0°. The flask in which the titration is 
made is placed in a brown glass beaker (to avoid influence of 
light) which is filled with ice. Lange and Schwartz used about 
20 cc. of 0.1 N chloride, and added 0.1 N silver nitrate up to a 
point very near the equivalence-point (within about 0.3 per cent). 
From this point the titration was continued by adding 1/500 N 
silver nitrate from a volume burette, 5 drops at a time. The 
end-point is found in the ordinary way by the determination of 


the maximum in 


AE 


Ac 

The average deviation is about 0.007 per cent. 
B £. I.ACge and E. Schwartz, Z. Elektrochem., 82, 240 (1926). 


If the 
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equivalence-potential is exactly known, as may be the case in 
a series of titrations under the same conditions, the accuracy may 
be increased to about 0.003 per cent. It is necessary first, how¬ 
ever, to determine the equivalence-potential from a large number 
of determinations. 

An accurate chloride determination, as above described, 
requires about two hours. 

In the titration of 0.1 N solutions I. M. Kolthoff and L. van 
Berk ® obtained an accuracy of 0.02 per cent without taking 
special precautions. They used as a reference electrode a mer¬ 
cury-mercurous sulphate electrode filled with 0.25 molar potas¬ 
sium sulphate. A saturated potassium sulphate solution was 
used in the salt bridge. 

The equivalence-point can be found within 0.01 per cent if 
the titration is continued imtil the equivalence-point has been 
reached. Using the above reference electrode, Kolthoff and 
van Berk found the inflection potential to be — O.ISS volt 
(silver electrode negative) at an acidity of about 0.25 N nitric 
acid. The inflection potential depends upon the acidity, the 
negative value increasing at higher hydrogen-ion concentrations. 

In their paper on potentiometric microtitrations, E. Zintl 
and K, Betz discuss the titration of very dilute halide solutions. 
One thousandth normal chloride in about 0.2 to 0.4 N sulphuric 
acid can be determined with an accuracy of at least 1 per cent. 

. AE 

More dilute solutions do not show a distinct maximum in —; 

Ac 

addition of alcohol does not bring improvement. 

Colloids such as proteins, starch, etc., do not interfere. (Cf. 
also W. D. Treadwell, I. M. Kolthoff and 0. Tomi^^ek, and F. 
Liebert.)!! 

Chloride may also be determined with a bimetallic electrode 
system. W. Clark uggg ^ silver electrode and an amalga- 

* M. Kolthoff and L. van Berk, Z. analyt. Chem., 70,369 (1927). 

E. Zintl and K. Betz, Z. analyt. Chem., 74, 330 (1928). 

“W. D. Treadwell, Helv. Chim. Acta, 6, 513 (1923); I. M. Kolthoff and 
O. Tomicek, Chem. W^bl., 21, 106, 124 (1924); F. Liebert, Chem. Weekbl., 21, 
167 (1924). 

” W. Clark, J. Chem. Soc. (Lend.), p, 749 (1926). 
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mated silver electrode. If these two electrodes are immersed in 
the chloride solution which is to be titrated, the E.M.F. is 
practically constant, until a deviation occurs in the neighborhood 
of the end-point, giving a sharp break in the curve, after which 
it becomes constant again. According to Clark, this method 
offers a means of determining halide as accurately as the other 
methods used. The magnitude of the jump is 30-40 millivolts. 
The same method may be used in the titration of bromides and 
iodides; the jump in potential is of the same order. 

The amalgamation of the electrode is effected by cleaning 
it with emery cloth and then rubbing it with mercury by means 
of a wad of cotton wool on a glass rod under dilute nitric acid. 

For the potentiometric determination of chloride in blood 
serum see E. Mislowitzer and M. Vogt.^'^ The determination of 
chloride in zinc ore residue is described by M. Joassart and 
E. LeClerc.i^ 

Bromide: S^gBr = X 10“^^. 

The potential is slow in assuming a constant value, especially 
in the vicinity of the equivalence-point. Hence, when the 
addition of silver nitrate is made too quickly, too much reagent 
is used (disadvantage of the Pinkhof system and its modifica¬ 
tions). Near the equivalence-point the potential is constant 
after about five minutes’ stirring. When Liebich titrated an 
0.002 N bromide solution rapidly, 0.7 per cent too much silver 
nitrate was required, whereas the error was 0.35 per cent in slow 
titration. Even a 0.0001 N bromide solution may be titrated 
with an accuracy of 1 per cent; the disadvantage is that the 
titration requires a long time. Addition of sulphuric acid to 
dilute solutions again has a favorable effect, as has been con¬ 
firmed by Zintl and Betz Qoc. ciL)^ whereas the presence of 
barium nitrate or nitric acid has a disturbing influence. 

As we have stated, Lange and Schwartz {he. cU.j 1926) 
increased the accuracy of both the chloride and bromide titra¬ 
tions. The latter is more time-consuming, because more pre- 

“ E. Mislowitzer and M. Vogt, Biochem. Z., 169, 80 (1925). 

Joassart and E. LeClerc, BuU. Soc. Chim. Belg., 24, 1595 (1930). 
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cautions have to be taken. The silver bromide has a stronger 
adsorbing tendency than silver chloride, and therefore the 
potential near the equivalence-point is very slow in reaching a 
constant value, since the adsorbed bromide ions pass back into 
solution very slowly. Therefore, in order to attain high accu¬ 
racy, it is necessary to heat the beaker to a temperature of 90° 
near the end-point. Silver bromide is decomposed by light and 
must be protected from it. Lange and Schwartz place the 
titration vessel in a double-walled copper cylinder, in which 
the heating is also carried out. 

After remaining some time at 90° the liquid is cooled by run¬ 
ning cold tap water through the copper cylinder. In 20 minutes 
the temperature falls from 90° to 12°. As has been described 
for the chloride titration, the titration is continued near the 
equivalence-point by using a very dilute solution of the reagent. 
Thus, for example, Lange and Schwartz used 1 / 4000 N KBr near 
the end-point of the titration of 0.1 N bromide with 0.1 N silver 
nitrate. It is advantageous to add a very small excess of silver 
nitrate and titrate back with the dilute bromide solution, since 
the constancy of potential is reached sooner. Accuracy, 0.003 
to 0.007 per cent. 

Without taking special precautions, KolthofI and van Berk 
{loc. ciL) obtained an accuracy of 0.01 to 0.02 per cent in the 
titration of 0.1 N solutions at room temperature. The inflec¬ 
tion potential is again very dependent upon the acidity. 

Iodide: S^,i = lO-i® is 

Iodide may be titrated at very great dilutions with silver 
nitrate. This was shown by Dutoit and von Weisse and has 
been confirmed by Liebich. A disadvantage is that a long 
period of time elapses before the potential is constant, in the 

equivalence-point region. No sharp maximum value of can 

Ac 

“ According to a note in Lange and Berger’s paper. The solubility product of 
silver iodide is approximately 8.5 X 10"‘‘® at 30°; 8.4 X 10~i» at 50°; 9,6 X 10 
at 70°; and 5.6 X 10“^® at 90°. 

P. Dutoit and von Weisse, J. chim. phys., 9, 578 (1911). 
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be observed. The authors suppose that these defects are due 
to the strong adsorbing capacity of silver iodide for silver and 
iodide ions. According to Liebich, an improvement is made by 
the addition of sufficient barium nitrate (a concentration of 
about S per cent); the addition of sulphuric acid also has a 
favorable effect, but not as marked as that of the barium nitrate. 
In the titration of very dilute solutions it is necessary to wait a 
very long time before the potential is constant, even in the 
presence of barium nitrate; but under these conditions traces 
of iodide corresponding to a concentration of 10 parts per million 
can be determined with an accuracy of a few per cent. 

I. M. Kolthoff and L. van Berk {loc, ciL) also obtained irregu¬ 
lar changes of in the vicinity of the equivalence-point, 
Ac 

although they used pure potassium iodide. Nevertheless the 
location of the maximum can easily be found within 0.04 per cent. 

AE 

O. Tomicek claims that the irregular changes in — are to be 

Ac 

attributed to the presence of traces of chloride and bromide in 
the iodide. This point needs further investigation, as other 
investigators have used pure iodide and yet have noticed irregu¬ 
larities. 

A very exact study of the precision of the potentiometric 
titration of silver with iodide has been made by E. Lange and R. 
Berger.^® The interference by adsorption phenomena is still more 
pronoxmeed than in the case when silver bromide is precipitated. 
The titration is started (for equipment c/. the titration of bro¬ 
mide with silver nitrate) at a temperature of 35® to 45®. Potas¬ 
sium iodide is added fairly rapidly to the silver solution until 
the potential as measured against the normal calomel electrode is 
+ 0.250 V. From then on the titration is continued very slowly, 
finally at the rate of one drop iodide per minute. When an 
E.M.F. of +0.210 V is reached, the addition of more iodide is 
stopped, the temperature is increased to 90® d= 1®, and the 
system under stirring left to itself for half an hour. The silver 

Tomidek, Collect. Czechoslovak Chem. Commun., 1, 585 (1929). 

E. Lange and R. Berger, Z. Elektrochem., 36, 980 (1930). 
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iodide flocculates in this time, and the adsorption equilibrium is 
attained. The potential will become constant within 0.1 milli¬ 
volt. Thereafter the titration is continued at 90° with careful 
addition of iodide, until the equivalence potential has been 
passed by about 20 millivolts. The E. P. lies at about +0.060 V 
(against N.C.E.). Twenty cubic centimeters of 0.1 N silver 
nitrate could be titrated with an accuracy of 0.003 per cent, and 
the results were quite reproducible. In order to reach this pre¬ 
cision, of course, it is necessary to add the iodide from a weight 
burette, and finally near the end-point to continue the titration 
with a 0.0005 N iodide solution from a volume burette. Since 
an iodide solution is slowly oxidized by air, especially at high 
temperature and in light, it is kept imder nitrogen in a brown 
bottle. 

By careful titration, Lange and Berger even succeeded in 
titrating 100 cc. of 4 X 10“® N iodide, i.e., a quantity of only 
0,005 mg, per liter! It is still questionable what the absolute 
accuracy is of the titration carried out according to the direc¬ 
tions of Lange and Berger, The equivalence-point is found in 

AE 

the classical way, i.e., by finding the maximum in —. 

Ac 

This method gives absolutely precise results, only if the 
titration curve is symmetrical at both sides of the equivalence- 
point. If the adsorption of an excess of silver ions by the silver 
iodide is different from the adsorption of iodide ions from a solu¬ 
tion containing the same excess of iodide, then the titration curve 
is not perfectly symmetrical. Moreover, we have to consider 
the possibility that occlusion phenomena take place during the 
titration. On theoretical grounds Lange and Berger expect that 
the deviation due to the errors mentioned is extremely small, 
and virtually immaterial. However, it is desirable to determine 
the absolute precision in an experimental way by working with 
silver nitrate and iodide of high and known degree of purity. 

There is one question in Lange and Berger’s paper which it is 
worth while to mention. They found that the E.M.F. measured 
is somewhat dependent upon the velocity with which the solu¬ 
tion is stirred. One of us (Kolthoff) has often noticed this effect in 
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many cases where a solution contains a suspended precipitate. 
It is not an easy matter to explain this effect on a theoretical 
basis. One reason may be that by the friction the surface is 
continually refreshed, and therefore a new adsorption equilib¬ 
rium may be established. Another factor may be that, by the 
stirring, adsorbed ion layers are removed from the surface and 
gradually replaced by other ions. Also, electricity caused by 
friction may be considered to be responsible for the fact observed. 

Finally, it may be mentioned that Zintl and Betz (pp. cit.) in 
their micro-work titrated 5 cc. of 0.00002 N iodide with an 
accuracy of 4 per cent.^^ 

The presence of sulphite in the halide titrations has no effect 
upon the result if the solution is acidified.^® 

Erich Muller 21 gives the following values for the inflection 
potentiar’ measured against the normal calomel electrode. 

Chloride: Ee =+ 0.24 (calculated + 0.227) 

Bromide: Ee = + 0.18 (calculated + 0.157) 

Iodide: Ee = — 0.04 (calculated + 0.047) 

Mixtures of Halides .—Several investigations of the titration 
of the halides, in presence of each other, with silver nitrate, have 
been published. R. Behrend^^ developed a method for the 
titration of iodide in the presence of bromide. He stated that 
in neutral solutions part of the bromide was precipitated, together 
with the silver iodide; irregular potential values were observed. 
By the addition of a sufficient amount of ammonia he kept the 
bromide in solution and in this way determined only the iodide. 
After the first jump in potential was obtained he acidified the 
solution with nitric acid and titrated the bromide, or chloride. 
He did not succeed in titrating bromide in the presence of 

” For microtitration of iodide cj. also F. Kieferle and E. Erbacher, Biochem. 
Z.,201, 305 (1928). 

*®0, Tomicek and A. Jdnsky, Collect. Czechoslovak Chem. Commun., 1, 582 
(1929). 

Erich Muller, Die elektrometrische Massanalyse, p. 88 and ff. 

** R. Behrend, Z. physik. Chem., 11, 466 (1893). 
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chloride. According to Du toil and von Weisse it is not neces¬ 
sary to use ammonia for the determination of iodide in the 
presence of bromide, at least when the concentration of the latter 
is no more than 50 times larger than the iodide concentration. 
Under other conditions the iodide may be precipitated as palla¬ 
dium iodide, thallium iodide, or cuprous iodide. The authors 
wish to remark, however, that iodide can not be separated from 
bromide in the form of cuprous iodide, since cuprous bromide is 
also slightly soluble. The precipitation of iodide as silver iodide 
in the presence of bromide or chloride in neutral solutions gives 
good results only when the solution is vigorously stirred during 
the titration. 

Pinkhof has confirmed the fact that iodide may be deter¬ 
mined as described by Dutoit and von Weisse. At a bromide 
concentration of 0.1 N, no silver bromide is precipitated as long 
as the iodide concentration is greater than 10“^ N, correspond¬ 
ing to a silver-ion concentration of 10 Hence, Pinkhof, in 
his simple system, uses a reference electrode with the silver-ion 
concentration which is given by a suspension of silver bromide 
in 1 N potassium bromide. The end-point is observed at an 
iodide concentration of 10"^ N. From this it is evident that an 
accurate determination of a small amount of iodide in the pres¬ 
ence of a large excess of bromide is not possible by the above 
method. 

None of the investigators mentioned succeeded in titrating 
bromide in the presence of chloride in neutral solution.^^ Follow¬ 
ing the lead of Behrend, Pinkhof tried to prevent the precipitation 
of silver chloride by the addition of ammonium carbonate. 
Silver chloride is completely soluble in 0.5 N ammonium carbon¬ 
ate, and silver bromide, which is precipitated from this solution, 
does not carry down silver chloride. The bromide is precipitated 
until the bromide concentration is as low as 3 X 10 There¬ 
fore, Pinkhof fixed the equivalence-potential at a bromide con- 

^ Dutoit and von Weisse, J. chim. phys., 9, 578 (1911). 

Pinkhof, Over de Toepassing der Elektrometrische Titraties, Dissertation, 
Amsterdam (1919), p. 17. 

C/. the special method of S. Koefoed and G. Haugaard, Compt. rend. Lab., 
Carlsberg, 16, No. 9 (1926), 
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centration of 10“^ N, with a silver-ion concentration of 6 X 
As a reference electrode he uses a suspension of silver chloride in 
0.2 N potassium chloride. A correction corresponding to a bro¬ 
mide-ion concentration of 10 N is added to the result. The 
accuracy of the titration is about 1 per cent when the chloride 
concentration is no more than 10 times the bromide concentra¬ 
tion. For the authors’ objections to this system, cf, p. 97. 

C. Liebich {loc. cit ,; cf, also Schindler, loc. ciL) was unable 
to determine iodide accurately in the presence of bromide. 
Even when he titrated very slowly, he found 2 to 4 per cent too 
much iodide. An improvement consisted in the addition of 
5 per cent of barium nitrate, whereupon accurate results were 
obtained. In the titration of iodide in the presence of chloride, 
about S per cent too much iodide, and too little chloride, is 
found. In the titration of bromide in the presence of chloride, 
about 8 to 10 per cent too much silver is used before the first 
jump in potential occurs. The errors are caused by the forma¬ 
tion of solid solutions of the various halides, as has been described 
by F. W. Kiister and A. Thiel,or according to W. Clark {loc. 
ciLf 1926), to adsorption phenomena. According to Liebich, 
the addition of barium nitrate or alum seems to prevent the mixed 
halide precipitation, even in the case of silver bromide and 
chloride. The addition of the salts mentioned has the same 
effect as the addition of ammonium carbonate, which Pinkhof 
proposed. The accuracy, however, is never greater than 1 per 
cent; and when the ratio of Ci“ to Br^ is larger than 1 : 10, 
good results are no longer obtained. When the ratio is 1 : 30 
the jump in potential no longer occurs. In the opinion of the 
authors, this is explained by the small ratio between the solu¬ 
bility products of silver chloride and silver bromide. It is a very 
peculiar fact that in the titration of mixed halides the potential 
becomes constant much sooner than in the determination of th„^ 
individual halides. 

According to W. Clark the error is about 1 per cent in the 

*« F. W. Kiister, Z. anorg. Chem., 19,81 (1899), A. Thiel, Z. anorg. Cbenj., 24,1 
(1900). 

W. Clark, J. Chem. Soc. (Lend.), p. 768 (1926). 
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presence of 5 per cent barium nitrate (too much bromide is 
found), if equimolar concentrations of chloride and bromide are 
present. This error increases with increasing excess of chloride, 
and falls off with increasing excess of bromide, until it is negli¬ 
gible when the molar concentration of bromide exceeds that of 
chloride by five times. 

Other salts such as ammonium nitrate, sodium nitrate, and 
sodium acetate may be used instead of barium nitrate. The 
presence of these salts purtails the time for titration by increasing 
the sensitiveness of titration and lowering the time required to 
establish the equilibrium potential in the region of the end-point. 

To summarize: W. Clark titrated mixtures of iodide and 
bromide, or iodide and chloride, or bromide and chloride, under 
different conditions. Some of his results are given in the fol¬ 
lowing table: 


Mixture Taken 

Found 

Addition 

Per Cent Chloride in Bromide 

Per Cent Chloride i 


50 

50 

Ba(Nr08)2 

1.01 

0.99 

Ba(N03)2 

0.51 

0.50 

Ba(NO ,)2 

0.2 

0.1-0.25 

Ba(N 03)2 or sodium acetate 

Per Cent Iodide in Bromide 

Per Cent Iodide 


50 

50 

barium nitrate 

1.6 

1.5 

barium nitrate 

0.19 

0.2 

barium nitrate 

Per Cent Chloride in Iodide 

Per Cent Iodide 


50 

50 

May be performed in absence 
of salt. More sensitive with 
barium nitrate. 

0.2 

0.18-0.2 

Ammonium nitrate. 


From Clark’s results it is evident that even traces of chloride 
may be detected in bromide. This estimation, however, involves 
taking a large amount of material; this makes the titration very 
time-consuming, and introduces a possible source of error in that 
some of the chloride solution may be occluded in the bulky 
silver bromide. Therefore Clark destroys the excess of bromide 
(or of iodide), leaving the chloride in solution. He gives the 
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following procedure: About 2.5 g. of potassium bromide are dis¬ 
solved in 350 cc. of waller, and 25 cc. of concentrated sulphuric 
acid are added, and the whole is boiled. A solution of 0.5 N 
chloride-free potassium permanganate is added slowly until the 
liquid almost keeps a violet color (detect in a blank). Then the 
bromine is removed by boiling until the solution is colorless. 
Ammonium nitrate is added (10 g.), and the solution is cooled 
and titrated with 0.01 N, silver nitrate. A modification of this 
method has recently been proposed by O. Tomicek and his col- 
laborators.2® 

According to O. Tomicek and A. Jansky,^® traces of iodide of 
the order of 1 mg. may be determined in the presence of much 
chloride. Addition of a trace of bromide (order of 1 mg.) is 
favorable, but larger amounts interfere. 

E. Zintl and K. Betz^^ titrated halides in the presence of 
each other in very dilute solution (about 0.001 N). They found 
that 1 part of bromide in the presence of 10 parts of chloride 
could just be titrated. At less favorable ratios no jump in 
potential was observed. 

Iodide could be titrated in the presence of 60 times as much 
bromide, whereas as little as 0.25 mg. of iodide was determined 
in the presence of 5000 times as much chloride. The argento- 
metric method seems quite suitable for micro-work. 

Thiocyanate: Sakcns = 2 X 10 -^^ 

According to Behrend {loc, cit.) and Kolthoff^s experience, 
thiocyanate may be accurately titrated with silver nitrate, or 
the reverse. The error due to adsorption may be prevented by 
the addition of 1 per cent barium nitrate.^ ^ According to 
Muller, Eje = + 0.108 volt (against normal calomel electrode; 
calculated 0.161 volt). Since silver bromide and silver thio¬ 
cyanate both have about the same solubility, they are precipitated 
together upon titration with silver. 

*• O. TomiCek, Collect. Czechoslovak Chem. Commun., 2, 1 (1930). 

O. Tomicek and A. Jansky, Collect. Czechoslovak Chem. Commun., 1, 585 
(1929). 

E. Zintl and K. Betz, Z. analyt. Chem., 74, 330 (1928). 

Cf, Erich Muller, loc, cU,, p. Ill; Rudolph, Dissertation, Dresden (1922). 
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In the titration of thiocyanate in the presence of chloride, we 
encounter the same difficulties as in the case of the chloride and 
bromide. Addition of barium nitrate improves the results. 

FerrocyanideP —Two jumps in potential are obtained, one 
at a point which corresponds to the formation of KAg 3 Fe(CN) 6 ; 
the second to Ag 4 Fe(CN) 6 . The titration does not give accu- 

AE 

rate results, since the maximum value of — is not sharply 
defined. 


Cyanide: 


[Agi[CN-]^ 

[Ag(CN)2i 


= about 10 “21. 


33 [Ag+J[Ag(CN)2i = 5 X 10-12. 


In the titration of a cyanide solution with silver nitrate, the 
cyanide first forms the complexion Ag(CN) 2 '". After the quan¬ 
titative occurrence of this reaction there is a jump in the potential, 
after which the silver cyanide (this name will be used instead of 
silver silver cyanide, Ag[Ag(CN) 2 ]) is precipitated. W. D. 
Treadwell 3^ was the first to apply this reaction to the determina¬ 
tion of cyanide in the presence of ferrocyanide. Later, Erich 
Muller and H. Lauterbach made a more extended study of this 
titration. From their results the authors conclude that the first 
jump in potential occurs 0.5 to 1 per cent too early, or the second 
break too late by the same percentage. Miiller and Lauter¬ 
bach do not discuss this question; the authors wish to note that 
from an analytical point of view it is of great importance to 
know the absolute accuracy of this titration method. 

When the solution contains iodide, the first jump in potential 
occurs at the point where the complex ion is formed, after which 
silver iodide begins to be precipitated. After this precipitation 
is complete there is a second jump in potential, whereupon silver 
cyanide begins to be precipitated. At the completion of the 


** Niemz, Potentioinetrische Titrationen von Blei und Silber mit Ferrocyanka- 
lium, Dissertation, Dresden (1920). 

**BodIander and Lucasse, Z. anorg. Chem., 41, 192 (1904). 

W. D. Treadwell, Z. anorg. Chem., 71, 223 (1911). 

» E. Miiller and H. Uuterbach, Z. anorg. Chem., 121, 178 (1922). 
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cyanide precipitation a third break in the potential occurs. From 
the results obtained by Miiller and Lauterbach, the authors 
conclude that the accuracy is not higher than 1 to 2 per cent. 
In the presence of bromide or chloride only two jumps in poten¬ 
tial are found, one at the end of the complex silver-cyanide-ion 
formation, the other at the completion of the precipitation of 
silver cyanide, bromide, and chloride. We should not expect 
a third break in the potential in this case, since the solubility 
product of silver cyanide is about the same as that of silver 



bromide. (Thiocyanate behaves in the same fashion as bro¬ 
mide.) 

From the foregoing it is evident that we have an easy means 
of making an analysis of a mixture of cyanide, iodide, and 
bromide (or chloride and thiocyanate). 

In a pure cyanide solution the amoimt of reagent which 
we require to reach the first jump in potential is the same as 
that from the first to the second break. In the presence of 
iodide, the amount of reagent added between the first and 
the second jump corresponds to the iodide content. (See 
Fig. 59.) 

In the presence of the other halogens, we have the following 
conditions: 
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Used to reach the first jump in potential a cc. reagent. 

Used from first to second jump in potential b cc. reagent. 
Used from second to third jump in potential c cc, reagent. 

Then we have; 

a corresponds to the cyanide content; 
b corresponds to the iodide content; 

{c-a) corresponds to the sum of Br, Cl, CNS. 

In order to accelerate the speed of titration, Muller and 
Lauterbach recommend the Muller modification of the Pinkhof 
system. The equivalence-potentials are given in the following 
table. 


Equivalence-potentials against Normal Calomel Electrode, 
According to Muller and Lauterbach 


Solution to be 
Titrated 

First Jump, 
(Ak(CN)2-) 

Second Jump 

Third Jump 

CN ■" alone 


-0.134 

+0. l06Afi[Ag(CN)2] 


CN' I~ 


-0.32 

-0.08(Agr) 

+0.2lAg[Ag(CN)2] 

CN- Br- 


-0.214 

+0.20 


CN- Cl- 


-0.18 

+0.25 


CN- I- 

Br- 

1 

o 

-0.134(AgI) 

+0.20 

CN- I- 

ci- 

-0.35 

-0.107(AgI) 

+0.23 

CN- Br- 

ci- 

-0.18 

+0.25 



It should be recalled here that these values are not absolute 
values of the equivalence-potential, but depend upon the ratios 
of the substances to be titrated and other electrolytes which are 
present. In unknown cases the authors recommend the general 

method in which — is determined. 

Ac 

Practical Applications of the Cyanide Titralion. — Determina¬ 
tion of Silver Halides in Photographic Films and Dry Emul¬ 
sions?^ —If we have silver iodide, for example, which we dissolve 

^ Erich Muller (R. Hartmann and R. Troppisch), Die Photograph Industrie, 
Nos. 18 and 19 (1924). 
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in an excess of potassium cyanide, the following reaction takes 
place: 

Agl + 2CN- Ag(CN)2- + 

Now if we add silver nitrate to the solution the excess of cyanide 
is first transformed into the complex cyanide ion, whereupon 
a jump in the potential occurs; the silver iodide then begins to 
be precipitated. The amount of reagent that is used between 
the first and second potential jumps corresponds to the silver- 
iodide content. The advantage of this method is that we do 
not need to know the strength and the excess of the cyanide 
solution in which we dissolve the silver iodide. Nor do we need 
to know the strength of the cyanide solution in the determina¬ 
tion of silver chloride or bromide, although the silver cyanide is 
precipitated together with the other silver halides after the first 
potential break. 

During the titration with silver nitrate, the excess of free 
cyanide is first transformed into the complex Ag(CN 2 “). After 
this point has been reached, a like amount of reagent is required 
to precipitate the complex ion as silver cyanide. The amount 
of silver nitrate required to precipitate the complex which is 
formed by the solution of the silver halide and the cyanide is 
equal to twice the amount of silver bromide present: 

2CN- + AgBr^Ag(CN) 2 - + Br- 

since the solution contains equivalent amounts of complex and 
bromide ions. Hence, if the amount of silver nitrate used from 
the beginning up to the first potential jump is a cc. O.IN, and 
if that used from the first to the second jump is c cc. O.IN, then 

the amount of AgBr is equal to - - - millimoles. 

2 10 

If we have a mixture of silver iodide and silver bromide or 
chloride, there are three potential breaks upon titrating back 
with silver nitrate. If a cc. are used to the first, b from the 
first to the second, and c from the second to the third, then b 
corresponds to the amount of iodide present. Equivalent 
amounts of complex and iodide ions are fornied upon solution 
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of the silver iodide in the cyanide. We precipitate the complex 
together with the silver bromide. Hence the amoimt of silver 
bromide corresponds to: 

c — a — h 
2 ' 

Hence, in all of these instances, we do not need to know the 
strength of the cyanide solution. If the silver halides contain 
alkali halides as well, we may determine the latter at the same 
time; but in this case we must know the strength of the cyanide 
solution. 

If the ratio between silver iodide and bromide is not favor- 



Fio. 60.—Titration curve of cyanide and bromide with silver nitrate. 


able, it is not practicable to determine both in one sample of 
material. If, for example, the amount of silver iodide is very 
small in comparison with the amount of silver bromide, there is 
but little reagent used between the first and second potential 
breaks, unless a large amount of the substance be taken for the 
determination. We should then need a very large amount of 
silver solution for the estimation of the bromide. Therefore, it 
is better to make two determinations: one with a large amount 
of substance in order to use sufficient silver nitrate for the accu¬ 
rate titration of the iodide; the other with a suitable amount 
of substance for the determination of the silver bromide. We 
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encounter the conditions just mentioned in the titration of silver 
halides in films and dry emulsions (ratio Agl : AgBr, about 
1 : 30). 

In this instance we have the difficulty that the gelatine, 
which also dissolves in the cyanide solution, has a disturbing 
influence on the jump in potential (complex silver-protein com¬ 


pounds); therefore no sharp maximum value of —^ can be 

Ac 


observed, and the titration does not give accurate results. In 
order to prevent, as far as possible, the solution of the gelatine, 
Erich Muller recommends the extraction of the films by a cold 
cyanide solution with constant stirring (five to ten minutes) 
and filtration. But the extraction of the silver halides from 


dry emulsions is incomplete in this way. These emulsions must 
be shaken with water at 40® C. until the gelatine is dissolved; 
after cooling, an excess of cyanide is added. 

In order to diminish the disturbing action of the gelatine, 
the solution is strongly diluted and sodium carbonate (free from 
chloride) is added. From the data which Muller gives, however, 


it may be concluded that the maximum value of 


Ac 


is not 


sharply pronounced and that accurate results are not obtained. 
Therefore the authors recommend that the gelatine be destroyed, 
although this procedure complicates the analysis. By heating 
the emulsion with sufficient dry sodium carbonate the gelatine 
is burned, and the residue contains the halides in water-soluble 
form. Either the halides may be extracted and titrated with 
silver nitrate (r/. p. 144), or the silver carbonate may be dis¬ 
solved in acid and titrated, or the whole may be treated with 
an excess of cyanide. 

W. Clark has confirmed the fact that the method of Muller 


gives satisfactory results. It is not possible, however, to dis¬ 
tinguish between silver bromide and silver chloride. Therefore 
he reduces the silver halides with zinc. The halides are dissolved 
in an excess of potassium cyanide, diluted with water to about 


W. Clark, J. Chem. Soc. (Lond.), p. 768 (1926). 



THE SILVER ELECTRODE 


165 


100 cc. and heated; 1-2 g, of zinc in small pieces are added, and 
the solution is boiled vigorously 10-15 minutes; 50 cc. acetic acid 
(about 10 per cent) are added and the boiling continued until all 
odor of cyanide has disappeared. The solution is cooled and 
decanted through a filter, the metallic residue being washed 
several times. The filtrate is titrated potentiometrically with 
silver nitrate (c/. p. 159). 

If an emulsion is to be analyzed, W. Clark fixes the emulsion 
in a dish with 100 cc. of 0.1 N potassium cyanide, and washes 
by soaking (5 minutes) in three changes of 100 cc. of water. As 
a precaution, after washing, the plate is spotted with sodium 
sulphide; the absence of a brown stain indicates freedom from 
silver salts. The washings and fixing solution are combined, 
reduced with zinc and acetic acid, and treated as has been 
described. 

Application of the Cyanide Method to the Determination of 
Nickel, —^An ammoniacal nickel solution reacts with cyanide to 
form a complex nickel cyanide ion: 

Ni(NH 3 ) 6 Cl 2 + 4KCN 6 NH 3 + 2KC1 + K 2 Ni(CN )4 
or 

Ni++ + 4CN- <^Ni(CN)4" 

A number of years ago, Moore applied this reaction to the 
titration of nickel with cyanide, potassium iodide being used as 
indicator in the titration of the excess of cyanide with silver 
nitrate. As long as there is an excess of cyanide the solution 
remains clear. E. Miillcr and H. Lauterbachadapted this 
method to potentiometric titration. An excess of potassium 
cyanide is added so that the nickel solution is colorless. The 
excess of cyanide is titrated with silver nitrate. A potential 
jump takes place when the free cyanide has been transformed 
into the complex silver cyanide. At this point the nickel is 
present as the complex Ni(CN) 4 ”. If the total amount of 
cyanide added is known, and the excess has been determined in 
this manner, the nickel content may be calculated, since iNi is 

»»Moore, Chem. News, 72, 92 (1895). 

E. Muller and H. Lauterbach, Z. analyt. Chem., 61, 457 (1922). 
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equivalent to 4CN. The authors conclude from the results of 
Muller and Lauterbach that this method does not yield exact 
results. The jump in potential is very small in ammoniacal 
solution, and if the titration is made in neutral solution other dif¬ 
ficulties occur. 

The modified Pinkhof system may be used by titrating to an 
inflection potential of —0.212 volt (against normal calomel 
electrode). In a later publication E. Muller and W. Schlut- 
tig observed that the silver electrode is a direct indicator for 
cyanide ions. They attempted to titrate a nickel solution 
directly with a standardised potassium cyanide solution. The 
following are the reactions: 

Ni++ + 2CN-4=±Ni(CN)2, 

Ni(CN)2 + 2CN-?:±Ni(CN)4" 

They only found a break in potential at tlie point that corre¬ 
sponds to the complex ion; the end-point was found too soon 
(error about 7 per cent). This error is due to the precipitation 
of nickel cyanide which reacts slowly with the excess of cyanide. 
This error may be avoided by titrating very rapidly and by 
opposing an inflection-potential of —0.253 volt to that of the cell 
(against normal calomel electrode). The titration may be 
finished in about two minutes; constant and effective stirring 
is necessary. There is a great danger of over-titrating. In prin¬ 
ciple, it is better to apply the reverse titration, i.e., to add the 
nickel solution to a known amount of cyanide. In this case 
there is no danger of precipitating nickel cyanide. Inflection 
potential —0.15 to —0.17 volt. 

T. Heezko^^ improved Muller’s method by adding some 
complex-forming acid (tartaric, or citric acid) and an excess of 
ammonia. The solution can be 0.05 molar in nickel; 4 g. of 
tartaric or citric acid are added for each 5 miUimoles, and then an 
excess of ammonia (odor), and finally a few grams of ammonium 
chloride or nitrate (decrease [OH""]). The titration is carried 

E, Mailer and W. Schluttig, Z. anorg. Chem., 134, 327 (1924), 

T. Heezko, Z. analyt. Chem., 78, 325 (1929). 
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out with 0.4 N KCN; the latter is standardized under the same 
conditions against pure nickel. The titration has to be carried 
out at room temperature; the solution is stirred intensively. 
Silver wire is used as an electrode. Iron and small amounts of 
manganese do not interfere; tervalent chromium interferes, and 
must be oxidized to chromate. For influence of cobalt, cf. 
next section. 

Application of tlie Cyanide Method to the Determination of 
Cobalt ,—^With cyanide, cobalt forms Co(CN )2 which dissolves 
in an excess of cyanide to form Co(CN)o-. If, however, an 
excess of cyanide is added to a cobalt solution and titrated back 
with silver nitrate, the potential break occurs at a point cor¬ 
responding to Co(CN) 5 “.'*“ E. Muller and H. Lauterbach^^ 
have studied this potentiometric titration. In the absence of 
ammonia the method gives accurate results; the inflection-poten¬ 
tial lies at —0.29 to —0.30 volt (against normal calomel 
electrode). E. Muller and W. Schluttig^^ tried the direct 
titration, using the silver electrode as indicator. They met the 
diflSculty that the complex cobalt cyanide ion was rapidly 
oxidized to the cobaltic form by the oxygen of the air. It was 
therefore necessary to work in a hydrogen atmosphere. For 
various reasons, which will not be discussed here, inaccurate 
results were obtained in the direct titration of cobalt with 

cyanide. In the reverse titration two maxima in are found 

Ac 

very close together. The first corresponds to the formation of 
the complex Co(CN) 5 ®, the second to Co(CN) 4 “: 

4 Co(CN)5 *" + Co++ ^ 5 Co(CN)4 -". 

In the absence of air the first jump is very sharp and an 
accurate determination is obtained by working in a hydrogen 
atmosphere. Twenty-five cubic centimeters of 0.1 N potassium 
cyanide solution are diluted to 100 cc.; a silver electrode is 

Rupp and Pfenning, Chem. Ztg., 34, 322 (1910); F. Edelmann, Dissertation, 
Dresden (1915). 

** E. Miiller and H. Lauterbach, Z. analyt. Chem., 32, 23 (1923). 

^ E. Muller and W. Schluttig, Z. anoig. Chem., 1^, 327 (1924), 
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immersed in the solution, hydrogen is passed through, and the 
solution is stirred. The titration is carried to an inflection- 
potential of —0.49 (against normal calomel electrode). 1 CN 
corresponds to iCo. 

Application of the Cyanide Method to the Determination of 
Zinc ,—^Zinc cyanide is soluble in an excess of potassium cyanide 
with the formation of the complex Zn(CN) 4 “ ion. E. Muller 
and Adam^'^ add a known excess of cyanide to a neutral zinc 
solution, and titrate the excess with silver nitrate, using a silver 
wire as indicator electrode. There is no break in potential at the 
point where the zinc is transformed into comjflex ion, because 
the stability of this complex is very small. The zinc complex 
reacts with more silver nitrate to form zinc cyanide and the 
complex silver cyanide: 

Zn(CN)4“ + Ag+ ^ Ag(CN) 2 " + Zn(CN) 2 . 

There is a rather distinct potential jump when all of the zinc 
cyanide has been precipitated. Inflection-potential —0.185 
volt (against normal calomel electrode). On continued addition 
of silver nitrate there is a second marked change in potential w’hen 
all of the silver complex is precipitated. The zinc content may 
be calculated from the amounts of reagent corresponding to these 
tw^o points. It is not necessary to know the strength of the 
cyanide if that of the silver nitrate is known. ICN corresponds 
to ^Zn. One of the authors (Kolthoff) obtained good results 
when the concentration of zinc was larger than 0.005 molar. 
The error was —0.2 to —0.75 per cent zinc. In more dilute solu¬ 
tions the error was greatly increased because of the hydrolysis of 
the zinc cyanide. Cadmium, lead, and copper have a disturb¬ 
ing action. It is possible, however, to determine silver and zinc 
successively when they are present in the same solution. 

Phosphate, Arsenate and Arsenite .—Neither Pinkhof i}oc. cit., 
1919) nor W. D. Treadwell and L. Weiss succeeded in the 
potentiometric titration of phosphate and arsenate with silver 
nitrate. 

E. MUDer and Adam, Z. Elektrochem, 29, 49 (1923). 

W. D. Treadwell and L. Weiss, Helv. Chim. Acta, 2, 680 (1919). 
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M. II. Bedford, F. R. Lamb, and W. E. Spicer could get good 
results only by keeping the hydrogen-ion concentration nearly 
constant at lO""® during the titration. This was accomplished 
by using a second burette filled with sodium hydroxide. Phenol- 
phthalein is added to the solution that is to be titrated, and 
sodium hydroxide is added when necessary to bring the color to 
pink again. This neutralization can be done without discon¬ 
tinuing the stirring of the solution if silver arsenite or phosphate 
are formed. Since the color of silver arsenate is brick red, in the 
titration of arsenate the stirring is stopped occasionally and the 
precipitate allowed to settle in order to make certain that the 
liquid has attained a pink color. The volume of the solution 
that is titrated is kept under 300 cc. 

Under the conditions described the three anions can be 
titrated argentometrically, though the results are not extremely 
accurate, especially in the case of phosphate. It seems doubtful 
whether the potcntiometric method has any advantage over the 
ordinary argentometric titration of phosphate, arsenate, and 
arsenite. 

Chromate .—The solubility of silver chromate is too large 
to give a satisfactory jump in potential at the end-point. A. 
Mazzuchelli and B. Romani work in the presence of 45 per cent 
alcohol. The solubility of the silver chromate is so much de¬ 
creased that, according to these authors, the titration gives useful 
results. 

Sulphide. —P. Dutoit and von Weisse applied their polar¬ 
ized system to the potcntiometric titration of silver with sul¬ 
phide, and the reverse. From their data it may be concluded 
that the determination gives very imsatisfactory results; errors 
of 10 per cent or more occur. In very dilute solution, three times 
as much as the calculated amount of sulphide was needed before 
the jump in potential was found. The errors are probably due 
mainly to the polarized system. Treadwell and Weiss {loc. cit.) 

M. H. Bedford, F. R. Lamb, and W. E. Spicer, J. Am. Chem. Soc., 52, 583 
(1930). 

A. Mazzuchelli and B. Romani, Gazz. chim. ital., 67, 900 (1927); C. A., 22, 
1743 (1928). 

P, Butoit and von Weisse, J. chim. phys., 9, 630 (1911). 
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were successful in the determination of hydrogen sulphide in 
a dilute solution with silver nitrate. As a reference electrode 
they used silver in contact with silver sulphide suspended in 
dilute sodium nitrate. 

H. H. Willard and F. Fenwick used the bimetallic electrode 
system (cf, p. 177); ammoniacal silver nitrate was used as a 
reagent (0.05 N silver nitrate containing 30 cc. of 28 per cent 
ammonia per liter). Accurate results were obtained. Willard 
and Fenwick investigated the influence of the more common 
impurities in alkali sulphide. Chloride, sulphite, and sulphate 
did not interfere with the sharpness of the end-point, although 
in all these cases slightly less than the theoretical amount of 
reagent was required. The error was greatest in the presence of 
chloride. Thiosulphate rendered the potential change less 
distinct, but did not seriously affect the clarity of the end-point. 
The thiosulphate caused a slight decrease in the amount of 
reagent required (0.07 cc. of 0.05 N silver nitrate). In poly¬ 
sulphides, only the normal sulphide is titrated with silver nitrate. 
The method was also applied to the determination of sulphur 
in steel. 

In the authors’ opinion,^^ the titration of sulphide with silver 
nitrate gives good results, especially when the sulphide solution 
is more concentrated than 0.02 N. The potential is constant 
very soon after the addition of the reagent; therefore the simple 
Muller method may be advantageously applied. Inflection- 
potential, according to Kolthoff and Verzijl, —0,400 volt (normal 
calomel cell). Erroneous results were obtained in the titration 
of very dilute solutions; too little reagent is used up to the poten¬ 
tial break. In the titration of O.OOOIN sulphide solutions, the 
error was 8 to 10 per cent. (In this case the titration with 
mercuric chloride is better. Cf. p. 184.) 

Titration of Stdphide. —G. Scagliarini and P. Pratesi,^^ 
titrate sulphides in alkaline solution with sodium nitroprusside 

Willard and Fenwick, J. Am. Chem. Soc., 45, 645 (1923). 

I. M. Kolthoff and E. J. A. Verzijl, Rec. trav. chim., 42, 1055 (1923). 

**G. Scagliarini and P. Pratesi, Atti. accad. Lincei, 11, 193 (1930); Chem. 
Abs., 24, 3458 (1930). 
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solution, using a silver-silver sulphide indicator electrode. 
The titration is carried out by placing a layer of freshly precip¬ 
itated Ag 2 S in a beaker with a silver wire as electrode and stirrer. 
A known volume of the sulphide is added; it should be distinctly 
alkaline with sodium hydroxide. The solution is titrated with 
0.1 N nitroprusside solution. According to the abstract the 
method yields results which agree within 0.1 per cent with the 
iodomctric one. * 

Thiosulphate ,—There are two jumps of potential in the 
titration of thiosulphate with silver nitrate, according to Erich 
Muller.'"^ 

The first, at the completion of the reaction: 

S2O3” + Ag"^ AgS203“, 

is very small. The second is larger and is found at the comple¬ 
tion of the precipitation of silver thiosulphate: 

8203 '“ + 2 Ag+ ^ Ag2S203. 


AE 

This second maximum value of — occurs too late, because of 

Ac 

the decomposition of the silver thiosulphate: 

Ag 2 S 203 “f" H2O Ag2S + H2SO4. 


This decomposition can be observed after the complex has 
been formed. A greater amoimt of silver nitrate gives brown 
silver sulphide. The latter has a strong absorbing capacity, 
which causes the error. The enormous effect of temperature is 
noteworthy. If the titration is carried out at 18® C., the second 
maximum occurs 11 per cent too late; but at 0 ® C. it appears 
at the theoretical point. In the reverse titration the dark- 
colored silver sulphide is formed at the start of the titration. 
The addition of a sufficient amornit of sodium acetate obviates 
this difficulty, and the titration gives a sharp end-point at all 
temperatures. The titration may be p>erformed especially rap¬ 
idly at 70®-80® C. In the authors’ opinion, this thiosulphate 
titration is of more theoretical than practical significance. 

Erich Muller, Z. anorg. Chem., 184, 201 (1924). 
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Titration of Silver ,—Any of the various anions that may be 
titrated with silver nitrate might be used for the determination 
of silver. We are limited in our choice, however, as the reagent 
must be stable, and must give a sharp and accurate end-point. 
Sulphide and cyanide can not be recommended as reagents 
because their solutions deteriorate rapidly; in special instances 
they may be of service. Of the halides, iodide does not give accu¬ 
rate results in the more concentrated solutions. The maximum 
AE 

value of — is not very pronounced, probably because of the 
Ac 

strong adsorbing power of the silver halides. Addition of barium 
nitrate improves the determinations. Potassium or sodium 
chloride gives the best results as reagent for the more concen¬ 
trated silver solutions. Inflection-potential, about +0.25 volt 
(normal calomel electrode). 

F. Fenwick uses the bimetallic electrode system, consisting 
of two fine thermocouple wires (woimd in a loose spiral) polar¬ 
ized with current at 0.5 volt through an external resistance of 
100,000 ohms. According to her experience, the break at the 
end-point decreases in magnitude as the solubility of the silver 
salt increases, and is therefore poorest in the titration of chloride. 
The end-point is indicated by a slight rise followed by a slow fall 
in potential difference between the two electrodes. ‘‘The change 
is not as abrupt as in many cases, but is perfectly distinguish¬ 
able, especially after a little practice. Owing to the very weak 
oxidizing potential of the solution to be titrated, the initial 
voltage is high and there is little change up to the immediate 
vicinity of the end-point. The electrodes should not be cleaned 
between titrations, as the inversion point increases in clarity 
with the first few successive titrations.” The titration of silver 
with chloride, or the reverse, may be made with an accuracy of 
0.1 per cent. 

It is of theoretical importance to note that the ordinary titra¬ 
tion of silver with chloride or other anions need not be carried 
out with a silver electrode, as the jump in potential also occurs 

Florence Fenwick, The Theory and Application of Bimetallic Electrode 
Systems in Electrometric Analysis, Thesis, Ann Arbor, Mich. (1923)^ p. 60. 
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if a platinum, palladium, gold, or mercury electrode is used.®*^ 
The potentials are more noble than those of the silver electrode. 
Probably the noble metals are covered electrolytically with a 
thin layer of metallic silver. 

Muller showed that in the titration of silver with any 
anion which yields an insoluble silver salt, it is possible to use 
not only a silver electrode, but also other metallic electrodes 
and even carbon. The potential differences which are measured 
against the reference electrode vary with the kind of indicator 
electrode used. Palladium gives the highest readings, then 
platinum and gold, next mercury and silver, and finally carbon. 
According to Muller, the j)otential difference between the elec¬ 
trode and the solution is determined by the ratio [Ag 2 “^] : [Ag+]. 
As the concentration of the Ag 2 '*' ions is extremely small during 
the titration, individual differences between the various elec¬ 
trodes occur, as has been pointed out by Willard and Fen¬ 
wick.^’' 

Another case has been described by Rzymkowski*'*® in con¬ 
nection with the titration of benzoquinonc with sodium thio¬ 
sulphate, where different curves are found with silver and mer¬ 
cury indicator electrodes, respectively. These studies are 
not, however, of much practical significance. 

The authors recommend the silver electrode for practical 
use. 

According to W, D. Treadwell, S. Janett, and W. Blumen- 
thal,®® protective colloids, such as starch, gum arabic, and other 
colloidal carbohydrates, decrease the sharpness of the jump 
in potential, since they apparently increase the solubility of 
the silver haljde. Fortunately, however, they have not much 
influence on the accuracy of the titration. This is no longer 
the case when proteins are present. These substances may 
combine with silver ions to form complex ions or absorption 

Erich Miiller, Z. Elektrochem., 30, 419 (1924). 

M E. Muller, Z. Elektrochem., 80, 420 (1924). 

H. H. WiUard and F. Fenwick, J. Am. Chem. Soc., 41, 2516 (1922). 

“ Rz)nnkowski, Z. Elektrochem., 31, 376 (1926). 

** W. D. Treadwell, S, Janett, and W. Blumenthal, Helv. Chim. Acta, 6, 513 
(1923). 
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compounds,” Under unfavorable conditions the colloidal 
matter must be destroyed before the silver titration can be 
carried out. 

The potentiometric method is of great importance in the 
investigation of the state of silver in the colloidal silver prepara¬ 
tions which are used in medicine. There are at present more 
than two hundred of these preparations, in which the silver-ion 
concentration may be determined by potentiometric measure¬ 
ment.®^ According to Treadwell, Janett, and Blumenthal 
{loc, cit,), the iogenic silver may be determined by potentiometric 
titration, but they do not give the experimental details. I. M. 
Kolthoff and 0. Tomicek®^ made an extensive study of the 
titration of silver in protargol (argenti proteinatum) and col- 
largol (colloid silver; argentum Crede). All of the silver of 
protargol may be transformed into silver halide by treatment 
with halide solutions. The silver halides that are formed remain 
in colloidal solution because of the presence of protective col¬ 
loids, so that one has the impression that no action has taken 
place. We may conclude from the change in potential, however, 
that the silver halides are formed. The best results are obtained 
by titration of the acidified protargol solution with iodide. In 
this instance two jumps in the potential are found, one after the 
transformation of all of the silver proteinate into silver iodide: 

AgProt. -f- Agl -f- Prot.“, 

and the other after the transformation of the silver chloride, 
which occurs in all commercial preparations, into silver iodide: 

AgCl + I-;p±AgI + Cl-. 

Hence it is possible, by one simple titration, to determine both 

F. Rohmann and L. Hirschstein, Beitr. Chem. physiol, pathol., 8, 288 (1903); 
G. Galeotti, Z. physiol. Chem., 42, 330 (1904); F. Liebert, Chem. Weekblad, 21, 
167 (1924); I. M. Kolthoff and O, Tomicek, Chem. Weekblad, 21, 106 (1924). 

Th. Paul, Z. Elektrochem., 18, 521 (1912); H. Seller and W. Thiessenhusen, 
Z. angew. Chem., 37, 837, 855 (1924). 

•*1. M. Kolthoff and O. Tomicek, Rec. trav. Chem., 44, 103 (1925); also 
Kolthoff, J. Am. Pharm. Assoc., 14, 183 (1925); R. B. Smith and P. M. Giesy, J. 
Am. Pharm. Assoc., 14, 10 (1925); J, K. Gjaldback, Dansk. Tidskr. Farm., p. 133 
(1929), 
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the total silver content and the amount that is present as silver 
chloride. 

In the following table the authors give an example in which 
a solution of 0.5 g. protargol in 100 cc. water and 10 cc. 4 N sul¬ 
phuric acid was titrated with 0.01 N KI. 


Cubic 

Centimeters of 
Reagent 


0 

20 

29 

30 

31 

32 

32.5 
33.0 
34 

36 

36.6 

37 

38 
40 


E N-calomel 
electrode) 


0.372 

0.346 

0.296 

0.290 

0.278 

0.258 

0.240 

0.222 

0.218 

0.154 

-0.036 

-0.094 

-0.118 

-0.142 


AE 


Ac 


20 

S6 (First maximum: 
36 AgProl.->AgI) 

4 

32 

330 (AgCl-^Agl) 

140 


24 


First maximum: 32.75 cc. 0.01 N 1“ corresponding to 7.08 per cent silver 
proteinatc (present 7.08 per cent). 

Second maximum: (36.6 — 32.75) 3.85 cc. 0.01 N 1“ correspKjnding to 0.83 per 
cent silver chloride (pre.sent 0,79 per cent). 

The maxima are less pronounced in neutral solution. 

Delermination oj Formaldehyde .—The potentiometric silver 
titration may be applied to the determination of formaldehyde. 
Erich Muller adds an excess of silver nitrate and sodium 
carbonate to the solution to be titrated, and, after waiting five 
minutes, titrates back with potassium chloride: 

HCOH + 2Ag+ + H 2 O HCOOH + 2H+ + 2Ag. 

This method is not at present of much practical importance. 
The direct titration of formaldehyde with silver solution was 
not found possible. 

Erich Muller, and W. Ldw, Z. analyt. Chem., 64, 297 (1924). 
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2. The Merctiry Electrode. 


^Hg2 + + 


0.750 - Eh 
0.0591 


(25^ C.). 


Electrode ,—Platinum gauzQ, electrolytically coated with 
mercury. After a period of use, the electrode must be coated 
anew with mercury. 

General Remarks ,—When a solution containing mercurous 
and mercuric ions is in contact with mercury, an equilibrium is 
established, as represented by the equation: 

Hg + Hg++^Hg2++ 

The mercuric ions are reduced; in the above equation we may 
regard the concentration of mercury as constant, and write the 
Mass Law expression: 

[H g2++] ^ 

[Hg++J 

According to Ogg,^^ K is equal to 235. In agreement with 
this value, Abel found 235,5. 

The following conclusions may be drawn: 

(a) A mercurous salt solution can never be made quite free 
of mercuric ions by treatment with mercury, since irix of the 
mercury will remain in the mercuric form. 

(b) When a mercuric solution is in contact with a mercury 
electrode, reduction will take place until the ratio between the 
mercuric and mercurous ions is equal to 235. From the data 
given in the literature we may calculate that a mercuric chloride 
solution will be practically completely reduced to calomel by 
treatment with mercury. Since the mercury electrode has a 
small surface, the reaction is slow, and therefore it might be 
possible to titrate a chloride solution with a mercuric salt {cf. 
below). The difficulty is not caused by the reduction, which 
has no effect on the analytical accuracy; 

HgCl2 + Hg^Hg2Cl2. 

From the analytical point of view, the form in which the 

Ogg, Z. physik. Chem., 27, 285 (1898). 

“ Abel, Z. anorg. Chem., 26, 376 (1901). 
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transformed chloride is present is indifferent, since the same 
amoimt of reagent is used in either case. 

A practical objection to such titrations might be that, owing 
to the electrode reactions, the potential will be variable. 

Reagents: 

Mercurons Solutions: {a) Mercurous Nitrate. —0,1 N solution; 
salt dissolved with the aid of a little nitric acid; may be kept for 
a long time. Pure mercurous nitrate, free from the mercuric salt, 
should be used. 

Test.—1 g. of the salt with 20 cc. of water and 1 to 2 drops of 
nitric acid (sp. gr. 1.2), is treated with hydrochloric acid to 
precipitate all the mercurous mercury from the solution. The 
filtrate should give no more than a trace of brown coloration 
with hydrogen sulphide. 

Preparation of Solution. —^To 50 g. of pure mercurous nitrate 
are added 10 cc. of nitric acid (sp. gr. 1.2) and sufficient water 
to dissolve the salt; the solution is filtered and the filtrate is 
diluted with water to 2000 cc. A drop of pure mercury is added 
to the solution in order to keep it unchanged for a long time. 
The solution is standardized potentiometrically against sodium 
chloride. 

(6) Mercurous Perchlorate. —^According to F. Fenwick this 
salt may be readily obtained in a pure state; it is stable and does 
not give a precipitate on dilution. The 0.1 N solution is made 
by dissolving 10.83 g. of pure mercuric oxide in 10 g. perchloric 
acid, heating over metallic mercury, and diluting to 1 liter. 

Mercuric Solutions: Mercuric Nitrate .—Commercial C. P. 
preparations are dissolved in water with the aid of a little nitric 
add. 

Mercuric Perchlorate. —This salt may be obtained in a pure, 
crystallized water-soluble form, which gives no precipitate of 
basic salt. A solution of the salt may be obtained by shaking 
a small excess of mercuric oxide with perchloric acid solution, 
until the liquid is saturated with the oxide. After filtration the 
solution is diluted to the proper volume.®*^ 

•• F. Fenwick, Dissertation, Ann Arbor, Mich., 1922, p. 79. 

I. M. Kolthofi, Die Konduktometrischen Titrationen, Dresden (1923), p. 65. 
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Mercuric Chloride ,—^As we shall see later, it is sometimes 
advantageous to use mercuric chloride as a reagent, although 
it is slightly dissociated. The pure salt is readily obtained by 
recrystallization from water. 

Halides. —R. Behrend was the first to apply the mercury 
electrode to the titration of halides. In agreement with his 
statements, W. D. Treadwell and L. Weiss,®^ and I. M. Kolthoff 
and E. J. A. Verzijl found that chloride and bromide can be 
titrated accurately with mercurous nitrate as a reagent. 

Sh«.c.. : [Hg2-^i[Cl-? = 3.5 X 
: [Hg2-^i[Bri2 = 1.3 X 

Erich Muller and H. Aarflot prefer the use of mercurous 
perchlorate, and titrate to an inflection-potential of + 0.32, or 
for bromide to + 0.29 volt (against normal calomel electrode). 
According to their findings, chloride may be titrated with mer¬ 
curic perchlorate; inflection-potential, + 0.41 volt. The titra¬ 
tion of a mixture of mercurous and mercuric mercury with 
chloride did not give two separate jumps in potential. 

It is not possible to make a separate titration of bromide 
in the presence of chloride with mercurous salt as reagent. The 
titration curve of iodide with mercurous salt is very peculiar. 
The solubility product is: 

[Hg2+i[I-p = 1.2 X 10-28; 

hence we should expect a sharp rise in the potential at the equiva¬ 
lence-point. In the titration of iodide with mercurous per¬ 
chlorate, Muller and Aarflot found that too little reagent was 
required, the error being 0,5 to 2 per cent. The yellow mer¬ 
curous iodide is decomposed in the beginning of the titration: 

Hg2++4i±Hg + Hg++. 

The reaction to the right is especially favored by the presence 
of an excess of iodide ions, which form the stable complex 
R. Behrend, Z. physik. Chem., 11, 466 (1893). 

W. D. Treadwell and L. Weiss, Helv. Chim. Acta, 2, 691 (1919). 

I. M. Kolthoff and E. J. A. Verzijl, Rec. trav. chim., 42, 1056 (1923). 
Erich Muller and H. Aarflot, Rec. trav. chim., 43, 874 (1924). 



THE MERCURY ELECTRODE 


179 


Hgl 4 "’. Upon proceeding with the titration, however, the iodide 
ions disappear, and the reaction is reversed, and proceeds to the 
left. 

The reverse titration of mercurous salt with iodide gives 
more accurate results; inflection-potential, about +0,17 volt 
(against normal calomel electrode). 

A very accurate titration of iodide may be carried out, 
according to Kolthoff and Verzijl {loc. ciL)^ by using mercuric 

chloride as reagent. The position of the maximum value of — 

Ac 

may be detected with an accuracy of 0.1 per cent. From the 
shape of the titration curve it is evident that complex ions are 
formed before the end-point, where all of the iodide is trans- 
formed into mercuric iodide. The stability of the complex 
Hgl 4 '“ is not large enough to give a pronounced break in poten¬ 
tial at the point of quantitative formation of this complex. 

Even very dilute solutions can be rapidly and accurately 
analyzed by potentiometric titration. One hundred and twenty- 
five cubic centimeters of 0.0002 N KI (containing 25 parts iodide 
per million) could be titrated with an accuracy of 1 per cent. 

125 cc. 0,0002 N KI with 0.001 N HgCL 


Cubic 

Centimeters of 
Reagent 

Ec 

AE 

Ac 

24.03 

0.074 


24.23 

0.080 

20 

40 

50 

60 maximum 

24,43 

0.084 

24.63 

0.092 

24.83 

0.102 

25.03 

0.114 

50 

40 

25.23 

0.124 

25.43 

0.132 j 


Inflection-potential, +0.112 volt (against normal calomel elec¬ 
trode), regardless of the dilution. 

A titration may b^ finished in one minute’s time by using 
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the Muller system. The interference of chlorides is but slight; 
that of bromides is of more importance. In a mixture that 
contains equal quantities of iodide and bromide, the accuracy of 
the iodide titration is 0.5 per cent. 

L. Maricq has made an extensive study of the potentio- 
metric titration of potassium mercuric iodide with mercuric 
chloride, and has made application of the titration to tlie deter¬ 
mination of alkaloids. These heterocyclic bases give a precipi¬ 
tate with iodomercurates, e.g., according to the reaction: 

H2Hgl4 + A--^HIA(Hgl2) + HI 

alkaloid 

salt 

The excess of iodomercurate and the iodide in the filtrate are 
titrated with mercuric chloride: 

Hgl4- + HgCl2 ^ 2Hgl2 + 2C1-, 

2I-’ + HgCl2^Hgl2 + 2Cl-. 

The solubility of the alkaloid-iodomercurate compound depends 
upon the potassium iodide content of the solution. In order to 
get quantitative and reproducible results the excess of iodide 
should be as small as possible. Therefore Maricq works with a 
reagent saturated with mercuric iodide. 

Reagent, —0.025 molar potassium iodide saturated with 
mercuric iodide. 4.15 grams of pure potassium iodide are dis¬ 
solved in about 100 cc. of w^ater, and then a slight excess (about 
6 g.) of mercuric iodide is added. The mixture is shaken and 
allowed to stand for a few minutes, diluted to 1 liter, and filtered 
after a day or so to remove the excess of mercuric iodide. The 
titer is determined by titration with mercuric chloride. This 
titration gives good results in neutral or weakly acid solution 
(nitric or sulphuric acid). Chlorides in concentration larger 
than 0.05 N have an interfering influence. 

Determination of Alkaloids .—Ten cubic centimeters of reagent 
are added to 10 to 40 mg. of alkaloid dissolved in 5-10 cc. of 0.1 
N to 0.05 N sulphuric acid. The precipitate that is formed is 

«L. Maricq, Bull. Soc, chim. Belg., 87, 241 (1928); 88, 259, 265, 426 (1928). 
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easily agglomerated by agitating 2-3 minutes. If the solution is 
opalescent after filtration, it is only necessary to refilter it once or 
twice to render it perfectly clear. 

About 10 cc. of the filtrate are diluted with 35 cc. of water; 
5 cc. of 0.1 N nitric acid are added, and the titration is made 
with 0.005 N mercuric chloride. 

The amount of alkaloid is easy to calculate from the differ¬ 
ence between this titration and the blank. 

One cubic centimeter of 0.005 N HgCl 2 is equivalent to 
5 X 10~3 millimoles of a monoacid alkaloid, or to 2.5 X 10~^ 
millimoles of a diacid alkaloid. 

Morphine, codeine, narcotine, strychnine, brucine, cocaine, 
and quinine have been successfully determined by Maricq in the 
manner described. 

Thiocyanate: 

SHg2(CN8)2 = 1.4 X 10~^^. 

From the start of the titration, the mercurous tliiocyanate 
decomposes into mercury and mercuric tliiocyanate. This 
reaction has no influence on the position of the break in poten¬ 
tial. Yet the accuracy of the determination of thiocyanate 
with mercury is not very great, as may be concluded from 
the paper of Muller and Aarflot {loc. cit.). The error, which is 
probably due to adsorption, is about 1 per cent. Better results 
are obtained in the reverse titration, i.e, mercurous salt with 
thiocyanate. Inflection-potential, + 0.25 (Muller and Aar¬ 
flot). 

According to Kolthoff and Verzijl {loc. cit.), the titration of 
thiocyanate with mercuric perchlorate or nitrate gives very 
accurate results. This statement has been confirmed by R. 
Muller and 0. Benda.*^'^ 

Application of the Thiocyanate Titration to the Determination 
of Zinc. —Kolthoff and Verzijl (unpublished investigation) 
applied the thiocyanate titration to the determination of zinc. 
Zinc forms a slightly soluble double salt with potassium mercuric 
thiocyanate, K2Hg(CNS)4. A method for the determination 
R. Mailer and O. Benda, Z. anoig. Chem., 184, 102 (1924). 
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of zinc has been based on this reaction/^ The reagent is 
obtained by adding 4 moles of potassium thiocyanate to 1 mole 
of mercuric nitrate. A more stable solution is prepared by 
dissolving 14.4 g. KCNS in a little water, and dissolving 23.7 g. 
mercuric thiocyanate in this concentrated solution (warming 
a little to accelerate the speed of solution); the solution is diluted 
to 1 liter, and standardized against a mercuric salt solution. 

The Zinc Titration .—An excess of the reagent is added to 
a measured quantity of the zinc solution, and the solution is 
diluted to 100 cc. The excess of the reagent is determined in an 
aliquot portion of the filtrate, with a mercuric salt. Sulphuric 
and nitric acids have no influence on the result; hydrochloric 
acid and chlorides interfere. According to E. Monasch,^^'* 
ferrous, manganous, nickel, cobalt, and chromic ions have a 
disturbing influence on the zinc determination. 

Ferrocyanide. — Ferricyanide. —F. Fenwick applied the bi¬ 
metallic system to these determinations. She remarks: 

‘‘ A very brief investigation was made of the possibility of titrat¬ 
ing ferro- and ferricyanide with mercurous solution. The end¬ 
point was not particularly sharp in either case, but both titra¬ 
tions were possible. The ferrocyanide titration seemed the more 
favorable for development.’^ 

Cyanide .—In the titration of cyanide with mercurous per¬ 
chlorate, a quantitative decomposition of the mercurous cyanide 
takes place: 

Hg2(CN)2 -^Hg + Hg(CN)2. 

The titration does not give good results, possibly because of the 
escape of hydrogen cyanide. The reverse titration (mercury 
with cyanide) is successful (Muller and Aarflot, loc. ciU). Inflec¬ 
tion-potential, -f 0.236 volt. 

Kolthoff and Verzijl {loc. cit,) titrated cyanide with a mer¬ 
curic salt. Although the jump in potential is greater with 
mercuric perchlorate or nitrate, they preferred the chloride, 

^^Cohn, Ber., 84, 3502 (1902); de Koninck and Grandy, Chem. Zentr., 78» 
n, 822 (1902); Kolthoff and van Dijk, Phann. Weekblad, 68, 549 (1921). 

^®E. Monasch, Pharm. Weekblad, 58, 1652 (1921). 

F. Fenwick, Dissertation, Ann Arbor, Mich. (1922), p. 79. 
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which does not cause any volatilization of hydrogen cyanide. 
The results are accurate (0.2 per cent), and the potential becomes 
constant very rapidly after the addition of reagent. The change 
in potential near the equivalence-point is presented in the follow¬ 
ing table: 

Titration op 25 cc., Approx. 0.1 N KCN with 0.1 N HgCL 


Cubic 

Centimeters of 

Ec 

AE 

Ac 

Reagent 


23 

-0.202 


23.12 

-0.192 


23.18 

-0.186 


23.31 

-0.171 

370 

430 

1640 maximtm 
1030 

500 

23.44 

-0.145 

23.51 

23.58 

-0.115 

-0.00 

23.61 

0.031 

23.64 

0.046 


It may be concluded from the whole titration curve that 
several complex ions are formed. The inflection-potential 
(against normal calomel electrode) is just at 0.00 volt. Hence 
the titration may be carried out very simply by using the Pink- 
hof system and titrating until the galvanometer or capillary 
electrometer gives no deflection, or reverses its deflection. In 
this way Kolthoff and Verzijl obtained accurate results in a very 
short time. 

When both iodide and cyanide are present, only one jump 
in potential is obtained. It occurs after both iodide and cyanide 
have been transformed into mercuric salts. 

Oxalate, —C. Mayx and G. Burger titrate oxalate with a 
weakly acid solution of mercurous nitrate (in very dilute nitric 
add). The value of the inflection-potential depends upon the 
addity and the electrolyte content of the solution. 

C. Mayr and G. Burger have used the titration of oxalate 

. ” C. Mayr and G. Burger, Monatsh., 68/64,493 (1929). 

C. Ma 3 rr and G* Burger, Monatsh., 66, 113 (1930). 
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with mercurous nitrate for the determination of caldum, stron¬ 
tium, cerium, cadmium, and lead. These elements are precip¬ 
itated with an excess of sodium oxalate, and the latter is deter¬ 
mined by back-titration in the filtrate, with the mercurous 
reagent. 

These investigators have applied the titration in the deter¬ 
mination of phosphate. The weakly acid phosphate solution 
is precipitated with a large excess (about 4 times the theoretical) 
(Hg 3 PC) 4 ) of standardized mercurous nitrate. The mixture is 
made up to 200 cc. The excess of mercurous mercury is deter¬ 
mined by titration of the filtrate with oxalate. The procedure 
does not seem to give highly accurate results. The same 
method was applied to tungstates and vanadates and pyrophos¬ 
phates; it was, however, useless because of the inconstant com¬ 
position of the precipitates. 

Sulphide, —Pinkhof^*^ used the mercury electrode for the 
determination of various metals as sulphides. He titrated 
mercury in a solution which contained a small excess of potas¬ 
sium iodide, and his results had a constant 2 per cent error which 
he attributed to adsorption. 

KolthofI and Verzijl {loc, cit.) obtained good results in the 
titration of sulphide with mercuric chloride when the solution 
contained an excess of sodium hydroxide. In this case the poten¬ 
tial becomes constant soon after the addition of reagent; this 
is not the case when no hydroxide is added. The maximum is 
sharj^ly defined, and the Muller system may be advantageously 
applied; inflection-potential, —0.200 volt (against normal cal¬ 
omel electrode). They found that salts had a slight effect 
upon the result, just as Willard and Fenwick found in the titra¬ 
tion with silver nitrate. The effect of salts is shown in the 
table on p. 185. 

Bivalent ions have the greatest influence on the result. The 
error is the same in a neutral medium. The titration of sulphide 
with mercuric chloride is advantageous in very dilute solutions. 
The titration with silver nitrate does not give reliable results in 
this case (c/. pp. 169-170), although the jump in potential is 
Pinkhof, Dissertation, Amsterdam (1919), p, 26. 
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Titration of Sulphide 


Addition 

Used cc. 0.1 N 
Mercuric 
Chloride 

Error, 
Per Cent 


15.90 

-0.3 

5 cc. 4 N NaOH 

15.95 


5 cc. 4 N NaOH 1 g. NaCl 

15.95 


1 g. KNOa 

15.95 


1 g. Na2S04-l()Il20 

15.80 

-1.0 

1 g. Na2S203*5H20 

15.82 

-0.9 

1 g. Na2S0a*7H20 

15.70 

-1.6 


greater in the latter case. A 0.001 N sulphide solution (contain¬ 
ing 16 parts of S per million) was titrated with an accuracy 
of 2 to 3 per cent. 

Application of the Mercury Electrode as an Indicator for 
Sulphide Ions, —Pinkhof (Joe. cit.) used 5 cc. of metallic mercury 
as an indicator for mercuric mercury. Mercuric ions are sent 
into solution and react with sulphide ions: 

Hg-f+ + S“^HgS, 

[Hg+i[Si = Sh«s, 



Therefore, the mercuric-ion concentration of the solution and 
the potential of the electrode depend upon the sulphide-ion 
concentration of the solution. The electrode, therefore, behaves 
as a sulphide electrode. 

Pure sodium sulphide for reagent purposes may be prepared 
according to Bottger’s directions: Strong alcohol (200 cc.) 

is added to a solution of 50 g. sodium hydroxide in 50 cc. water. 
After filtration through asbestos, half of the filtrate is saturated 
with hydrogen sulphide. The rest of the filtrate is added, and 
sodium sulphide is precipitated. It may be redissolved by 

Bdttger, Ann. of d. Chem., 228, 335 (1884), 
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warming to 90®, whereupon slow cooling causes the separation 
of prismatic crystals of the sulphide, which are collected by suc¬ 
tion and washed with alcohol. Pinkhof recommends that the 
crystals be preserved under alcohol; in this way they may be 
kept for six months without decomposition. He found the 
composition to be Na 2 S SH20, Kolthoff foxmd them to be 
Na 2 S • 9H2O. 

Pinkhof, using his simple system, titrated the various metals 
with the sulphide. Inaccurate results were obtained, probably 
because of adsorption. When air is excluded by means of a 
current of carbon dioxide, the error is decreased, but it is still 
appreciable. Hence, the authors can not recommend this 
method for accurate analyses. 

As*” and Sb“ are only precipitated in strongly acid solution 
(2 — 4N HCl). Inflection-potential, —0.200 volt (against nor¬ 
mal calomel cell). Reference electrode, Ag in 1.5 N KBr. Error 
in air, 10-12 per cent; in carbon dioxide, 4-5 per cent. As^, 
Sb^, and Sn*^ require an excess of sulphide for complete pre¬ 
cipitation, whereupon hydrogen sulphide escapes.®^ Sn** can 
not be titrated because it reduces all of the dissolved mercury 
ions to the metallic form. Silver ions are reduced by the mer¬ 
cury and can not be titrated. Mercuric ions are reduced to 
mercurous ions. This can be prevented by the addition of 
a small excess of potassium iodide. The titration may be per¬ 
formed in a bicarbonate medium with a carbon dioxide atmos¬ 
phere; inflection-potential, —0.300 volt (against normal calomel 
electrode). Compensation electrode, Ag in 0.01 N KI. The 
error is 2 per cent and increases with dilution of the mercuric 
solution. In 0.01 N solution it is 10 per cent. Interfering metals 
are removed by the addition of sodium carbonate to the solution, 
which contains an excess of iodide. The filtrate contains the 
mercuric salt. 

Lead may be titrated in 0.1 N nitric acid solution. Inflec- 

®^In the light of McCay’s work on the sulphoxy-arseniates it is extremely 
unlikely that anything approaching a quantitative precipitation of the quinqui¬ 
valent arsenic could be expected. Cy. L. W. McCay, Am. Chem. J., 16,459 (1888); 
Z. anorg. Chem., 29, 36 (1901); J. Am. Chem. Soc,, 24, 661 (1902). 
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tion-potential, —0.200 volt; compensation electrode, Ag in 
1.5 N KBr. Error 1-2 per cent (in 0.1 N solution). In the pres¬ 
ence of Sn ^ and Sb^, the solution is made alkaline after the addi¬ 
tion of an excess of Rochelle salt, whereby the lead is trans¬ 
formed into a complex salt. Tartaric acid is then added until 
the concentration is 0.1 N, after which the lead is titrated with 
sulphide. The arsenic group remains in solution. Inflection- 
potential, —0.280 volt; reference electrode, Ag in 0.003 N KI. 

Bismuth forms an oxysulphide very readily; therefore the 
reagent must be added drop by drop. Bismuth sulphide has 
a strong adsorbing capacity; the error may be 15 per cent. 

Copper precipitates well in sulphuric acid solution; strong 
adsorption; error about 10 per cent. The error is diminished 
by titrating in a bicarbonate medium in the presence of tartrate. 
Error, d= 3 per cent. Inflection-potential, —0.050 volt; com¬ 
pensation electrode, Ag in 0.5 N NaCL In strongly add solu¬ 
tion, large amounts of halide have a disturbing action, since the 
mercury may reduce the copper to the cuprous state. 

Cadmium must be titrated in tartrate solution weakly addi- 
fied with acetic or tartaric add. Inflection-potential, —0.250 
volt; comparison electrode, Ag in 0.001 N KI. Error, about 
3 per cent. 

Zinc ,—The solution must not be more add than a 0.1 N acetic 
acid solution. At lower acidity the titration gives good results 
even in air. Inflection-potential, —0.380 volt; compensation 
electrode, Ag in 0.2 N KI. One of the authors (Kolthoff) added 
an excess of sulphide to the alkaline zinc solution and titrated 
back with mercuric chloride. The method was unsuccessful 
although various modifications were tried. 

Nickel and Cobalt ,—In bicarbonate-tartrate solution there 
was a regular change in the potential. Error, 10-20 per cent; 
inflection-potential, —0.510 volt; compensation electrode, Hg 
in 0.02 N KCN and 0.02 N AgNOs. 

Manganous axid ferrous ions can not be titrated with sulphide. 

It is evident from the foregoing description that the titration 
of the metals with sulphide gives unsatisfactory results. The 
authors can not recommend the method. They suspect that 
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the errors are due" to inherent properties of the sulphides, and 
that improvement is unlikely. 

When several metals are present in solution the precipitation 
of their sulphides does not take place as we should theoretically 
expect. When two metals are present together their sulphides 
are precipitated together, although singly they have quite 
different solubilities (Werner’s theory should be recalled in this 
connection). A fractional separation of the metals by means 
of sulphide is not practically j)ossiblc. Hence the authors 
omit the further details which Pinkhof gives in his dissertation. 

Thiosulphate, —^According to Kolthoff and Verzijl {loc, cit), 
a sharp jump in potential is found in the titration of sodium 
thiosulphate with mercuric chloride at a point which corresponds 
to the' complex salt Na2Hg(S203)2. The potential rapidly 
assumes a steady value, and the results are very accurate. The 
potential changes in an irregular way after the equivalence-point 
is reached. The titration does not give good results when sul¬ 
phite is present. In neutral solution, sulphide and thiosulphate 
may be titrated in the presence of each other. The first jump 
occurs after the precipitation of the sulphide, the second after 
the formation of the complex thiosulphate ion. 

Hydroxyl Ions. — Cf. Neutralizations, p. 242, on the titra¬ 
tion of bases with the aid of the mercury-mercuric oxide elec¬ 
trode. 

Mercurous Salts. —Mercurous salts may be titrated with 
chloride, bromide, iodide, or sulphocyanide. Good results are 
obtained. {Cf. titration of halides.) 

Mercuric Salts. —^Accurate results are obtained by titration 
with potassium iodide. Even mercuric chloride may be titrated 
up to great dilutions. In this case the best procedure is 
to add an excess of iodide, and titrate back with mercuric 
chloride. 

Phosphate. —S. Bodfors®^ attempted to measure the poten¬ 
tial of a platinum indicator electrode during the titration of a 
phosphate with an uranyl salt in the presence of acetic acid. 

**Svensk Tidskr., 37, 296 (1925'i: Chem. Zentralbl. (1926) I, p. 1675; (1927) 
I, p. 1503. 
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The potential of the uranyl electrode is governed by the reac¬ 
tion: 

UO 2 ++ + 4H+ U++++ + 2 H 2 O + 20. 

If [H’^] remains constant during the titration, the potential will 
change suddenly when an excess of uranyl salt is present. Bod- 
fors got useful results only when he added some hydroquinone, 
which reacts according to the equation: 

UO 2 ++ + C6H4(0H)2 + 2H+ U++++ + C 6 H 4 O 2 + 2 H 2 O. 

The hydroquinone will increase the sharpness of the titration. 
The addition of jSotassium ferrocyanide is still better, but in 
all cases the jump in potential is not great, and a long time 
is required before the titration is finished. 

Much better results are obtained by using a mercury elec¬ 
trode, with the addition of some mercurous sulphate, at a tem¬ 
perature of 70°. The potential curve first shows a decrease, 
which is very steep at the equivalence-point, then goes through 
a minimum, and suddenly rises to an approximately constant 
potential. The average error is 0.3 to 0.4 per cent. Bodfors 
assumes that a complex mercurous-uranyl phosphate is formed, 
the dissociation of which decreases with increasing uranyl con¬ 
centration. After reaching the equivalence-point an excess of 
uranyl ion causes mercurous ions to go into solution and the 
potential increases. (Query: Does a second jump in potential 
occur? Authors.) 

3. The Copper Electrode.®^ — W. D. Treadwell and L. Weiss 
have shown in a preliminary paper that it is possible to titrate 
copper as cuprous thiocyanate, with a copper electrode. Their 
results, however, are far from accurate. According to Dutoit 
and von Weisse,®^ a copper electrode is unsuitable for potentio- 
metric titrations because its potential changes in an irregular 

*®The standard potential of the copper-cuprous chloride electrode has been 
determined at 25® by R. F. Nielson and D. J. Brown, J. Am. Chem. Soc., 60, 9 
(1928), to be: 

Eo(ref. toH 2 ) “—0.131 volt. 

w W. D. Treadwell and L. Weiss, Helv. Chim. Acta, 2, 694 (1919). 

Dutoit and von Weisse, J. chim, phys., 9, 578 (1911). 



190 PRECIPITATION AND COMPLEX-FORMATION REACTIONS" 


way. In agreement with Kolthoff’s experience, E. Muller and 
A. Rudolph were not successful in obtaining a jump in poten¬ 
tial in the titration of a cupric solution, to which an excess of 
bisidphite was added, with thiocyanate; the titration was 
made at room temperature with a copper indicator electrode. 
They obtained a break when the titration was performed at 
70® C. Error, +0.7 per cent copper; inflection-potential, 
—0.166 volt (against normal calomel electrode). The error is 
probably due to adsorption of the CNS“ ion by the cuprous 
thiocyanate. The relative error increases rapidly with increas¬ 
ing dilution; in titrating 0,01 N copper solutions it is 7 per cent. 
The temperature control is of great importance; the best results 
are found at 70® C. At 90® the error is 15 per cent. This 
method can not, therefore, be recommended on the basis of the 
information which has been published. 

M. E. Pring and J. F, Spencer®^ investigated Muller and 
Rudolph’s method carefully and foimd it very sensitive to 
changes in temperature, concentration of sulphite, and time 
taken for the operations; hence it is difficult to state how far it 
will furnish accurate results. There is no constant error 
which may be used as a correction, as claimed by Muller 
and Rudolph, The results are highest when the temperature 
is below 70®, when the solution is titrated as quickly as 
possible, and when the concentration of bisulphite is low. It 
seems that with a larger amount of bisulphite a precipitate of 
cupric-cuprous sulphite is formed. In a later paper Pring and 
Spencer recommend the saturation of the neutral copper solu¬ 
tion with sulphur dioxide, the precipitation of the cuprous salt 
with a measured excess of standard thiocyanate, boiling of 
the solution irndl all the sulphur dioxide has gone, and, after 
cooling, the determination of the excess of thiocyanate with 
standard silver nitrate, using a silver plate electrode. The 
method does not involve a filtration. 

Procedure—Texi cubic centimeters of a copper solution, which 

•• E. Miiller and A. Rudolph, Z. analyt. Chem., 68, 102 (1923). 

M. E. Pring and J. F. Spencer, Analyst, M, 509 (1929). 

•• Pring and Spencer, Analyst, 61, 576 (1929). 
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should be stronger than 0.03 to 0.04 N, are saturated with sul¬ 
phur dioxide, treated with an excess of potassium thiocyanate, 
and the solution is boiled until the excess of sulphur dioxide has 
been expelled. About 100 cc. of water are added, and, after 
cooling, a silver foil is dipped in, and the solution is titrated with 
0.1 N silver nitrate. Zinc and ferric ions do not interfere. 

4. The Iodine Electrode .®®—General Remarks ,—^The poten¬ 
tial of the iodine electrode is represented by the equation: 


E 


So + 


0.059 

2 


log[I-p 


(25°). 


As is well known, iodine is slightly soluble, and it is therefore 
advantageous in many instances to use the saturated iodine 
electrode, in which the iodine concentration [I 2 ] is constant 
and equal to the solubility (0.00134 molar at 25°). We then 
have: 

E = 80 ' - 0.059 log [li = 80 ' + 0.059i>i, 

where 80 ' is 0.541 volt against the normal hydrogen electrode. 

In a solution that contains iodide ion and iodine, reaction 
between the two is possible in the sense of the equation: 

I 2 + I~ l 3 ~, 


and, according to the law of mass action: 

[I2][I-] 


II3-] 


= K. 


At 18°, K is equal to 1.15 X 10~® (Dawson).®® 

Since the solubility of iodine is 1.09 X 10 ~® at 18°, we have: 


[I-] ^ 1.15 X 10-® 
[h~] ~ 1.09 X 10-« 


= about 1 (in a saturated iodine solution). 


I, M. Kolthofii, Rec. trav. chim., 41, 172 (1922). 
Dawson, J. Chem. Soc., 85, 467 (1904). 
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Hence, half of the total iodide is transformed into complex l 3 ~ 
ions; and if the total concentration is equal to I”, we have: 

E = Co' ~ 0.059 log 
or 

E == Co' + 0.017 - 0.059 log [li. 

From this we see that the potential of the iodine electrode 
depends upon the iodide concentration in the same way as that 
of a metal electrode depends upon the concentration of uni¬ 
valent metal ions (opposite sign in change of potential term). 
The iodine electrode has the following special characteristic: 
Iodine reacts with water, as represented by the equation: 

3 I 2 + 3 H 2 O ^ 6H+ -f IO 3 - + 51“ 


with the equilibrium constant of 2.45 X 10“^^ at 25^^ C. (Sam- 
met). 

From this value we sec that there is almost no reaction 
between the free iodine and water. If, however, we add a sub¬ 
stance that reacts with iodide ion, the reaction may proceed 
to the right. This is the case, for example, in the titration of 
iodide with silver nitrate, with the iodine electrode. When 
the equivalence-point has been reached, an excess of silver 
nitrate reacts with iodine with the formation of iodate and 
silver iodide. The equilibrium conditions are dependent upon 
the solubility product of the silver iodide. The less soluble the 
iodide, the more nearly the reaction proceeds to completion 
toward the right. If the iodide is slightly dissociated the con¬ 
siderations are similar to those met in the case of silver iodide. 

When iodate is formed after the equivalence-point has been 
reached, we are dealing with the iodate electrode, whose potential, 
according to Sammet {loc, cit) is represented by: 


E = 80 + 


0.0591 [H-^p2[i03-]2 

10 II 2 J 


In a normal solution of iodic acid which is saturated with 
respect to iodine, 80 is equal to 1.158 volt (referred to N H 2 
electrode). From the equation we see that the potential is 


•^Sammet, Z. Elektrochem., 11, 293 (1905); Z. physik. Chem., 53, 641 (1905). 
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dependent, to a very high degree, upon the hydrogen-ion con¬ 
centration. The larger the latter, the more positive will be the 
potential. For this reason, the jump in potential in the titration 
of iodide with silver nitrate or mercuric salt depends, to a great 
extent, upon the hydrogen-ion concentration; in acid solution 
it is much larger than in a neutral medium. When the iodide 
which is formed is much more soluble than silver iodide, as is 
the case with lead or thallous iodide, enough iodide ions remain 
in solution, after the equivalence-point has been reached, to 
prevent the iodate formation. It is even possible to transform 
lead iodide quantitatively to free iodine with the aid of iodate. 
Therefore, when we are titrating an iodide solution with thal¬ 
lous salt, using the iodine electrode as indicator electrode, the 
iodide concentration changes at all points of the titration curve 
according to: 


[1-] 


Stii 

[tF]’ 


and the iodide is not transformed into iodate. 

In the titration of a single substance, the iodate formation 
has no influence on the result of the titration. If, however, we 
have two substances together, for example, iodide and bromide, 
which we are titrating with silver nitrate, a small error may result 
from iodate formation. After the precipitation of the iodide, 
most of the reagent is used for the precipitation of the bromide, 
whereas a small quantity reacts with iodine to form iodate. 

From the above, it is evident that the iodine electrode may 
be used in all cases where a slightly dissociated or complex 
iodide is formed. Its application may be of distinct advantage 
in the titration of mercuric salts, since the mercury electrode 
is not reversible to mercury ions. 

Electrode .—piece of bright platinum, or better, platinum 
gauze, in contact with iodine, serves well as an electrode. The 
best way to saturate the liquid with iodine is to add a Uttle of 
a freshly prepared alcoholic iodine solution. Its quantity is of 
no significance; 2 to 10 drops of a 10 per cent tincture to 100 cc. 
of liquid will do. The authors desire to lay stress on the fact 
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that the alcoholic solution should be freshly prepared, since it 
decomposes on standing, to form a little iodide. This might 
cause an error, especially in the titration of dilute solutions. 

Determination of Iodide with Silver Nitrate ,^^—In the titra- 
tion of a neutral iodide solution, the jump in potential occurs 
0.8 per cent too early, probably because of the adsorbing prop¬ 
erties of silver iodide. The result is improved by titration in 
the presence of sulphuric acid, the error being only 0.2 per cent. 
The jump in potential is much greater than in neutral solution, 
as stated above. When the titration is carried out in acid solu¬ 
tion, the silver iodide flocculates from the start of the titration, 
whereas in a neutral medium the iodide remains in colloidal solu¬ 
tion and flocculates just before the equivalence-point is reached. 
Owing to the high degree of dispersion, the adsorbing capacity 
of the iodide is much greater in the latter case than in an acid 
medium. After the end-point is reached, the silver nitrate reacts 
with the iodine to form iodate, and the brown color of the liquid 
disappears. The titration may be performed with very dilute 
solution; a 0.001 N I” solution can be determined with an accu¬ 
racy of about 1 per cent. 

In the presence of bromide or chloride, the jump in potential 
at the equivalence-point is less pronounced. In harmony with 
the results of Liebich with the silver electrode (cf, p. 147), 
Kolthoff foxmd that the error due to the adsorption by silver 
iodide is decreased in the presence of bromide. In the titra¬ 
tion of a mixture of equivalent amounts of iodide and bromide, 
the jump in potential was found 0.2 per cent too late (in iodide 
solution alone, 0.8 per cent too soon). In the presence of 
bromide, the silver iodide does not flocculate at the first equiva¬ 
lence-point. 

When the iodide is titrated in the presence of hydrochloric 
acid, the same results are obtained as when sulphuric add is 
used, although the jump in potential is smaller in the former case. 
Yet it is possible to titrate iodide in the presence of 100 times the 
amoimt of chloride, with an accuracy of O.S per cent. 

I. M. Kolthoff Rec. trav. chim^ 41; 176 (1922). 
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The titration of bromide or chloride with silver nitrate, with 
the iodine electrode, does not give accurate results. 

Titration of Iodide with Mercuric Salts ,—In general, mer¬ 
curic nitrate dissolved in dilute nitric acid can not be recom¬ 
mended as a reagent, because it oxidizes the iodide. The error 
may be rather large, 1.5 to 5 per cent, especially in strong iodide 
solution (0.1 N); in very dilute solution the error is less pro¬ 
nounced. In principle, it is better to use mercuric perchlorate, 
a solution of which may be readily prepared {cf, p. 177). The 
titration curve has a peculiar shape, due to complex formation 
{cf. Kolthoff, loc. cit .); no distinct break in potential occurs at 
the point where the reaction: 

Hg++ + 4I-;e±Hgl4- 

is complete. The complex constant is too large for strong 
variations in ion concentrations to be found. A sharp break 
is noticed, however, at the point where mercuric iodide is quan¬ 
titatively formed. The titration gives very accurate results, 
even in dilute solution. Inflection-potential, -f0.580 volt 
(against normal calomel electrode). Some results are given in 
the following table: 


Solution to be 
Titrated 

Cubic Centimeters 
Hg(C 104 )* Used 

Normality 

Error in 

Per Cent 

100 cc. 0.025 N KI 

25.02 cc. 

0.1 N 

+0.1 

100 cc. 0.0025 N KI 

24 92 cc. 

0.01 N 

-0.3 

100 cc. 0.00025 N KI 

25.00 cc. 

0.001, N 


100 cc. 0.0001 NKI 

10.02 cc. 

0.001 N 

H-0.2 

100 cc. 0.00005 N KI 

5.00 cc. 

0.001 N 



Hence, a solution containing as little as 6 parts iodide per million 
may be titrated with an accuracy of at least O.S per cent. 

In the presence of bromide, the jump in potential is not very 
large and the accuracy of the titration is much smaller than with 
iodide alone. A mixture of equivalent amounts of iodide and 
bromide may be titrated with an accuracy of O.S per cent. The 
disturbing action of chloride is much less than that of bromide. 
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When the ratio of I” to Cl“" is 1 : 20, very accurate results are 
still obtained. In this case we may use mercuric chloride for 
a reagent, as well as mercuric perchlorate. 

Bromides and chlorides may also be titrated with mercuric 
perchlorate, with the iodine electrode. The jumps in potential 
at the equivalence-point are much smaller than in the case of 



Fig. 61.—^Titration of a mixture of halides with mercuric perchlorate, using the 

iodine electrode. 

the iodide, but good results are still obtained. It is also possible 
to determine the iodide, bromide, and chloride separately in a 
mixture of the three halides. The accuracy is not very high, 
however. As we have seen, iodide may be titrated in the pres¬ 
ence of the same amount of bromide, with an accuracy of 0.5 per 
cent. But the potential break after the bromide is transformed 
into mercuric bromide is still less pronounced when chloride is 
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present. The accuracy in this case is not larger than 1 to 2 
per cent. In order to show how the potential changes, the 
authors give, in the next table, the titration of a mixture 


Cubic Centimeters 

Ec 

AE 

of Reagent Added 

Ac 

0 

0.308 


5 

0.384 


9 

0.426 


9.5 

0.446 

60 

^00 First maximum 

160 

140 

100 

36 

10 

10.1 

0.476 

0.496 

10.2 

0.512 

10.3 

0.526 

10.4 

0.536 

11 

0.558 

15 

0.618 


19 

0.682 


19.5 

0.684 

10 

10 

10 

SO Second maximum 

10 

10 

7 

20 

0.690 

20.2 

0.692 

20.3 

20.4 

0.693 

0.696 

20.5 

0.697 

20.7 

0.698 

21 

0.700 


23 

0.718 


25 

0.738 


27 

0.756 


29 

0.780 


29.5 

0.792 


30 

0.812 

60 

70 

80 Third maximum 

60 

40 

50 

22 

30.2 

0.824 

30.4 

30.5 

0.838 

0.846 

30.6 

0.852 

30.7 

0.856 

31 

0.872 

32 

0.894 

33 

0.906 



First maximum: 10.1 cc. (calculated for iodide 10.08 cc.). 

Second maximum: 20.4 cc. bromide (20.4—10.1) = 10.3 cc. (calculated for bro¬ 
mide 10.35). 

Third maximum: 30.5 cc. chloride (30.5—20.4)«10.1 (calculated for chloride 
10.15). 
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of 10 cc. of 0.1 N KI, 10 cc. 0.1 N KBr, and 10 cc. of 0.1 N KCl 
with approximately 0.1 N Hg(C104)2. The titration curve is 
given in Fig. 61, p. 196. 

Titration of Mercuric Mercury, —The iodine electrode is espe¬ 
cially convenient for the titration-of mercury in mercuric chlo¬ 
ride. The sublimate can be titrated directly with a standardized 
iodide solution. The inflection-potential is 0.550 volt (against 
normal calomel electrode). The results of the titration are 
accurate. 

Titration of Thallous Salts, —Because of the fact that thal- 
lous iodide is slightly soluble, we may make use of the titration 
of thallous salts with iodide. The solubility product of thallous 
iodide is rather large (about 10”*); therefore, only solutions 
that are 0.05 N or stronger give a distinct jump in potential at 
the equivalence-point. The accuracy is about 0.2 per cent; 
inflection-potential, 0.456 volt (against normal calomel elec¬ 
trode). 

Lead and bismuth iodides are too soluble to give good end¬ 
points in the titration. A good maximum occurs only in the 
titration of 1 N lead salts; more dilute solutions can not be 
titrated. Bismuth salts give a small jump in potential when 
titrated in nitric acid solution; in the presence of hydrochloric 
acid, no jump in potential occurs at all. Therefore, the iodine 
electrode can not be recommended for the titration of lead or 
bismuth salts. 

6. The Platinum Electrode.—Several investigators have 
proposed the use of a platinum wire (unplatinized) in pre¬ 
cipitation reactions. According to J, A. Atanasiu barium, 
lead, and mercuric ions can be determined with chromate as 
reagent. 

Barium, —^At room temperature no break in potential at all 
is observed. If the titration is made at 70® the jump in potential 
occurs about 4 per cent too late. This error may be overcome 
by the addition of alcohol up to a concentration of 30 per cmt. 
The most favorable temperature is 65®. 

•»J. A. Atanasiu, J. Chim. phys., 28, 501 (1926); Compt. rend., 182, 519 
(1926). 
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Lead^ and mercuric mercury may be determined in 30 per 
cent alcohol at 70° C. 

Discussion .—^According to our opinion, the application of 
this method of Atanasiu is very limited. The platinum electrode 
serves as an indicator for hydrogen ions (vuisaturated oxygen 
electrode, cf. p. 215); the leap in potential depends upon a 
sudden change in the hydrogen-ion concentration at the equiva¬ 
lence-point. Hence the presence of acids, and especially of 
buffer solutions (acetic acid-acetate), prevents entirely the occur¬ 
rence of the jump in potential because the hydrogen-ion concen¬ 
tration is more or less fixed. (C/. the experiments of Atanasiu.) 
It is only for the analysis of neutral solutions of the cations men¬ 
tioned that the method of Atanasiu may be of importance, 
although any other electrode with a hydrogen-ion function might 
be used. (Cf. Volumetric Analysis, Kolthoff-Furman, “ Hydro¬ 
lytic Precipitation Reactions,” pp. 58-62.) 

also, for barium, lead, and sulphate: S. Mukai, Bull. Techn. Coll. 
Kyushu Imp. Univ., 4, 17 (1929); Chem. Abs., 24, 1053 (1930). 
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In Volume I of Volumetric Analysis, and Part I of this volume, 
a full account was given of the theory of neutralizations, the 
shape of the neutralization curve, and the magnitude of the 
change in potential at the equivalence-point. Therefore, the 
reader is referred thereto for the theory of these reactions, and 
will find in the present chapter the practical details and applica¬ 
tions of the electrodes which are used in quantitative neutraliza¬ 
tions. 

1. The Hydrogen Electrode.— 


^ 0.0577 + 0.0002(/ - 18°)* 

where Eh represents the E.M.F. as measured against the normal 
hydrogen electrode. 

A calomel electrode is usually employed as a reference elec¬ 
trode; the measured E.M.F., tt, is corrected to a hydrogen 
pressure of 760 mm., and then pH can be calculated by means of 
the appropriate one of the following equations: 


0.1 N Calomel Electrode: 


pH 


TTcu N- 0.3380 + 0.00006(/ - 18°) 
0.0577 -f 0.0002(/ - 18°) 


1 N Calomel Electrode: 

TTt N “ 0.2864 + 0.00024(/ - 18°) 
^ 0.0577 + 0.0002(^ ~ 18°) 

3.5 N Calomel Electrode: 

^s.«N - 0.2549 + 0.00039(/ - 18°) 
^ 0.0577 + 0.0002(^ - 18°) 
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Saturated Calomel Electrode: 


pn == 


- 0.2504 + 0.00065(/ ~ 18^) 
0.0577 + 0.0002(/ - 18°) 


K the quinhydrone electrode in a mixture of 0.01 N hydro¬ 
chloric acid and 0.09 N potassium chloride is used as a reference 
half-cell (prepared freshly for each day’s work), then for: 


Quinhydrone in 


0.01 N HCl 
0.09 N KCl: 


pn = 2.038 + 


^QiT. - 0.7042 -f 0.00074(/ - 18°) 
0.0577 + 0.0002(/ - 18°) 


It may be mentioned here that all of these values are related to 
the original Sorensen data (1909); the calculations of his standard 
figures are based upon the isohydric principle of Arrhenius. At 
the present time we know that the potential of an electrode 
depends according to Nernst’s equation upon the ion activity 
and not upon the ion concentration: 


paH. = — 


_ ^ _ 

0.0577 + 0.0002 (/ - 18°) 


where paH is the negative logarithm of the activity of the hydro¬ 
gen ions. 

It seems that the following relation holds between the Soren¬ 
sen value, and the paK: 

paR == pJl + 0.04. 

The question is not of practical importance for potentiometric 
titrations; the reader is therefore referred for a more detailed 
discussion to Clark’s book, The Determination of Hydrogen Ions, 
3rd Ed., 1928, and also to a review by Kolthoff.^ 

Titration Cells and Electrodes,—K convenient and suitable 
electrode has been described by J. T. Wood, H. J. Sand, and 
D. J. Law 2 in their classical paper on the employment of the 


11. M. Kolthoff, Rec. Trav. Chim., 49, 401 (1930). 

»J. T, Wood, H. J. Sand, and D, J. Law, J. Soc. Chem. Ind., 80, 871 (1911), 
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electrometric method for the estimation of the acidity of tan 
liquors/' The electrode is represented in Fig. 62. 

The platinum plate consists of a very thin foil which is 
wrapped around a cylindrical body of glass, A, and is held to 
the latter by platinum wire, which passes through the glass up 

to the stem, E, where it is con¬ 
tinued with copper wire, B, the 
platinum wire, C, and finally the 
binding post, D. The stem, E, is 
fused into the wider tube, F, 
which can be connected to the 
hydrogen supply by the- rubber 
tube, H. The tube, F, ends a 
short distance above the platinum 
foil, and over it is slipped the tube, 
G, which is just wide enough to 
allow it to slip up and down F 
readily. A piece of thick-walled 
soft rubber tubing, R, holds G 
firmly and F sufficiently to keep 
G in position without hindering it 
from being pushed up or down, 
when desired. During the platiniz¬ 
ing, G is pushed up completely. 
When the electrode is in use, G is 
adjusted to be a few millimeters 
above the bottom of the foil; while 
not in use the electrode is left 
filled with hydrogen, by pulling G 
Fig. 62.—Hydrogen electrode of down as far as possible, and at 
Wood, Sand and Law. same time the rubber tube, H, 

is clipped as close to the electrode as possible. 

Without knowing of Wood's paper, J. H. Hildebrand ^ in his 
classical paper “ Some Applications of the Hydrogen Electrode in 
Analysis, Teaching and Research," described a dipping form of 

* J. H. Hildebrand, J. Am. Chem. Soc,, 8S, 847 (1913). 
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electrode, which subsequently was very generally used in titra¬ 
tion work (Fig. 63). 

The electrode consists of a platinum foil welded to a short 


piece of platinum wire, 
which is sealed through 
the end of a glass tube 
where it makes contact 
with a copper wire, 
either by means of a 
soldered joint or a mer¬ 
cury globule. The glass 
tube is within a slightly 
wider tube which con¬ 
tains a side arm near 
the top for the admis¬ 
sion of hydrogen gas, 
and a bell-shaped en¬ 
largement at the bot¬ 
tom to protect the foil 
and confine the hydro¬ 
gen, which must bathe 
its upper half. A wide 




Fio. 63.—Titration half- 
cell (Hildebrand). 


Fig. 64.— Titration cell of 
Koltholl. 


notch is cut in the bottom of the bell to allow the liquid to rise 
high enough to cover the lower half of the foil. After the inner 
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tube has been adjusted to the proper height, it is fastened to 
the outer tube by means of marine glue. Before this is done, 
however, the platinum foil is bent into an S shape, and is 
platinized by the usual process. One of the authors (KolthofI) 
always uses a small piece of platinized platinum wire ending in 
a sharp point. With an electrode of this kind the reading 
becomes constant sooner. The delay is only appreciable at the 
start, and again at the end-point where the jump occurs. It 
is more convenient to make two round holes for the escape of 

hydrogen, instead of the 
notch in the glass of the 
bell-shaped part. 

R. E. Cornish^ de¬ 
creased the slowness of 
the Hildebrand elec¬ 
trode distinctly by put¬ 
ting an atomizer bulb in 
the hydrogen supply 
line, so that the hydro¬ 
gen flows through the 
bulb. By squeezing the 
bulb at intervals, the 
Hildebrand electrode is 
repeatedly saturated 
with hydrogen. It is 
very important that the solution level be periodically forced 
entirely below the bottom of the platinum; this is regulated by 
the rate of squeezing the bulb. In this way nearly constant 
readings are obtainable within five minutes, with a small amount 
of hydrogen. 

In the following figures (64 and 65) are given sketches of 
hydrogen electrode cells used by Kolthoff and by H. Menzel and 
F. Kriiger.® In both cases a platinized platinum wire serves 
as an electrode. With the form of electrode used by Kolthoff, 

* R. E. Comish, J. Am. Chem, Soc., 50, 3310 (1928). 

®H. Menzel and F. Kriiger, Z. Elektrochem., 82, 93 (1926). Cf. also L, 
Fletcher and J. B. Westwood, J. Soc. Chem. Ind., 49, 201 (1930). 







Fig. 65. —Titration cell of Menzel and Kriiger. 
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accurate values of are obtained during the titration, and equi¬ 
librium is attained fairly soon after the reagent is added. 

W. D. Treadwell and L. Weiss ® have described a very inex¬ 
pensive form of electrode, which contains about 25 cents^ worth 
of noble metal, and wliich quickly gives reproducible potential 
values: The outside of a strong 6-mm. tube of unglazed porcelain 
is coated with a thin layer of gold by soaking the tube in gold 
chloride solution, followed by gentle heating over a flame. The 
layer is then fortified by electrolytic deposition of gold from a 
cyanide bath. The current density must be so carefully regu¬ 
lated that a well-adhering deposit with a coarse surface is pro¬ 
duced. The lower portion of the tube, thus gilded to about 
7 cm. of its height, is then given an extremely thin Qiauchdunne) 
electrolytic plate of palladium black. 

Two of these electrodes are used as a cell for titration pur¬ 
poses (Treadwell system). One of them contains a buffer 
solution of the value that is expected at the end-point. Hydro¬ 
gen is passed through at a rate of 2 or 3 bubbles per second. In 
his simple system, J. Pinkhof uses cadmium amalgam in con¬ 
tact with various solutions, instead of a hydrogen electrode, as 
a reference electrode. These electrodes are readily reproducible 
and are electromotively equivalent to hydrogen electrodes 


Referenck Electrodes of Pinkhof 


Coinix)sition of Electrode 
Solution 

Potential Against 0.1 N 
Calomel Electrode 

Equivalent to a Hydro¬ 
gen Electrode in a 
Solution of [H ‘‘‘J 

Cd(N03)2 

1.3 N 

-0.696 

10 ”« 

CdCU 

0.1 N 

-0.754 

10~^ 

Cdl2 

0.1 in 

—0.812 

10 

KI 

0.21 Ni 



Cdh 


—0.870 

10 

KI 

0.6 NJ 



Cdl2 

0.1 N) 

—0.929 

10~io 

KI 

1.05 NJ 




• W. D. Treadwell and L. Weiss, Helv. Chim. Acta, S, 433 (1920). 
' J. Pinkhof, Chem. Weekblad, 16, 1168 (1919). 
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which dip into various solutions of known hydrogen-ion con¬ 
centrations. The electrodes that Pinkhof used were provided 
with 11-13 per cent cadmium amalgam. 

P. F. Sharp and F. H. MacDougall,® who have simplified 
the preparation of the electrodes, give the following list: 


Reference Electrodes of Sharp and MacDougall 


Electrode Solutions. 
Dilute the Quantities 
Given to a Total Vol. 
of 100 cc. 

Potential Against 

N Calomel P^lectrode 

Equivalent to a Hs 
Electrode in Solution 
of [H+1 




12-12.5 Per Cent 





Lead Amalgam and 





Lead Iodide 


cc. 

N 

Salt 



0.52 

2 

KI 

-0.5195 

10“^ 

2.90 

2 

KI 

-0.5609 

10-*’ 

6.14 

2 

KI 

-0.5786 

10 

67.50 

2 

KI 

-0.6378 

lO--® 




12-12.5 Per Cent 





Cadmium Amalgam 


10 

0.5 

CdS041 






-0.6967 

10~^ 

0.20 

2.0 

KI i 



10 

0.5 

CdS041 






—0.7560 

10~» 

10.14 

2 

KI j 



10 

0.5 

CdS041 






—0.8150 

10~* 

26.40 

2 

KI / 



12.00 

0.5 

CdS04\ 

—0.8742 

10~io 

48.70 

2 

KI / 




A. B. Hastings® has described a convenient hydrogen elec¬ 
trode vessel which is adapted for titrations. 

The authors recommend the electrode of J. Hudig and 
W. Sturm for the determination of the acidity and titration 
curve of soils. 

Hydrogen electrode vessels for use with tannery liquors have 

•P. F, Sharp and F. H. MacDougall, J. Am. Chem. Soc., 44, 1193 (1922); 
cf. also H. T. Beans and E. Little, J. Ind. Eng. Chem., 17,413 (1925). 

• A. B. Hastings, J. Biol Chem., 46, 463 (1921). 

J. Hudig and W. Sturm, Chem. Weekblad, 16, 473 (1919). 
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been described by J. A. Wflson and E. J. Kern.^' For details 
regarding other forms of hydrogen electrode cells the reader is 
referred to W. M. Clark, The Determination of Hydrogen Ions, 
3rd Ed., 1928. 

Platinizing of the Electrodes ,—^The electrode is cleaned in a 
cleaning mixture, and if necessary first treated with very fine 
emery paper to remove spots, which sometimes resist the action of 
solvents. A solution of chloroplatinic acid containing about 1 
per cent of platinum is used for the deposition of platinum black. 
Various statements are given in the literature regarding the most 
favorable thickness of the coating. According to the experience 
of Kolthoff, the results are the same with a dense as with a thin 
layer of platinum black if the measurements are made in well- 
buffered solutions. For all purposes, however, it is advantageous 
to apply a thin, adherent layer of platinum black, since equi¬ 
librium is much more rapidly established. Still, irregular read¬ 
ings are obtained with a platinized electrode in slightly buffered 
solutions, on account of hydrolytic adsorption of cations by plat¬ 
inized platinum in a hydrogen atmosphere.^^ For these special 
cases Kolthoff and Kameda recommend that the metal be cov¬ 
ered with a thin bright layer of platinum. For this purpose a 
solution of pure chloroplatinic acid (purified by repeated precip¬ 
itation as ammonium chloroplatinate, ignition, and dissolving of 
the metal) is used, with a current strength of 2-10 milli- 
amperes. 

After platinizing, such an electrode is thoroughly washed, 
first with water in air; after a cathodic polarization (see below), 
the electrode is washed thoroughly, then washed with water m 
a hydrogen atmosphere, and finally with the solution to be 
measured, in a current of the same gas. Such a bright platinum 
electrode is easily poisoned, and after each set of readings, the 
electrode is ignited and recoated. 

After platinizing any electrode, the adsorbed chlorine is 
removed by cathodic polarization in 0.5 N sidphuric acid, the 
platinized electrode being the cathode and an auxiliary platinum 

« J. A. Wilson and E. J. Kem, J. Ind. Eng. Chem., 17, 74 (1925). 

^ I. M. Kolthoff and T. Kameda, J. Am. Chem. Soc., 51,2888 (1929). 
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electrode the anode. The hydrogen developed reduces the 
chlorine present in the electrode fairly rapidly. After about 
10-15 minutes the electrode is taken out and thoroughly washed, 
first with warm and later with cold distilled water. The plat¬ 
inized electrode is always kept under water when not in use, in 
order to prevent film formation. If after some time the electrode 
becomes sluggish in attaining its equilibrium potential, it must 
be cleaned and recoated. 

Hydrogen Generators. —Hydrogen generated from sulphuric 
acid with pure zinc may be used. Care should be taken to dis¬ 
place all oxygen from the generator and to free the hydrogen from 
impurities, especially arsenic. For this purpose the authors 
always wash the gas by passing it through silver nitrate, potas¬ 
sium permanganate, and water. 

Compressed hydrogen of high purity is usually employed. 
It is satisfactory for hydrogen electrode work; Tales and Vos- 
burgh pass it through alkaline permanganate, alkaline pyrogal- 
lol, water, and cotton wool. Cullen passes the tank hydrogen 
through solutions of mercuric chloride, permanganate, pyrogallol, 
dilute sulphuric acid, and water. The compressed hydrogen 
is especially valuable for the immersion electrode which the 
authors use in quantitative titrations, where an abundant supply 
of hydrogen is required.i^ 

Electrolytic generators have been employed very frequently; 
they are especially satisfactory when a moderate supply of 
hydrogen of highest purity is required at frequent intervals, or 
steadily, over long periods of time. (C/. Clark, The Determina¬ 
tion of Hydrogen Ions.) 

Disturbing Factors in the Use of the Hydrogen Electrode .— 
Oxygen gives the electrode a positive charge and is very harm¬ 
ful. In order to avoid the presence of oxygen, titrations should 
be carried out in vessels closed by means of rubber or wooden 
stoppers with the requisite holes for inlet and outlet of hydrogen, 

”H. A. Pales and W. C. Vosburgh, J. Am. Chem. Soc., 40, 1291 (1918). 

G. E. Cullen, J, Biol. Chem., 80, 369 (1917). 

For more accurate work it is desirable to remove oxygen by passing the 
hydrogen over electrically heated copper or nickel spirals (500*^. 
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contact with the calomel electrode, etc.-(comp. Fig. 64). The 
presence of air is made evident by the inconstancy of the potential. 

The disturbing influence of oxygen is much greater in alkaline 
than in neutral or feebly acid media, therefore special care has 
to be taken in the measurement of pK of alkaline solutions with 
the hydrogen electrode. 

Impurities in the hydrogen, such as hydrogen sulphide, 
hydrocarbons, etc., may poison the electrode; therefore, the 
purification mentioned above is necessary. 

Oxidizing agents are reduced in the hydrogen electrode; we 
can not, therefore, make measurements in the presence of these 
substances (such as ferric iron, bichromate, nitric acid, etc.). 
Nor can the hydrogen electrode be used in the presence of reduc- 
tants, as they make the potential much too negative (e.g., sul¬ 
phurous acid). In some instances where the potential of the 
reductant i§ not reproducible, it has no disturbing action (hydra¬ 
zine). 

Organic substances that can be reduced also interfere. The 
platinum black of the electrode catalyzes the hydrogenation. Aro¬ 
matic compounds, in particular, may have a disturbing action; 
even aniline and phenol may interfere under special conditions. 
Many alkaloids and dyestuffs can not be examined with the 
hydrogen electrode. 

Metals that stand below hydrogen in the electromotive 
force series, and also lead, are reduced on the electrode; therefore 
they have an interfering action. 

Fortunately, we have other electrodes for the measurement 
of hydrogen-ion concentrations, as we shall see in the following 
sections. 

Applications of the Hydrogen Electrode,^^ —W. Bottger was 
the first to apply the hydrogen electrode for titration purposes. 
He determined the neutralization curves of hydrochloric, sul¬ 
phuric, acetic, propionic, isobutyric, lactic, tartaric, mellitic, 

^®C/. Furman, Chapter XIII, p. 829, Taylor’s Physical Chemistry, D. Van 
Nostrand Co., for a review of other applications. 

Bdttger, Z. physik. Chem., 253 (1899); Die Anwendung der Elek- 
trometers als Indikator beim Titrierem v^n Stluren und Basea. Dissertation, 
Leipzig (1897), 53 pp. 



210 


NEUTRALIZATIONS 


dtric, succinic, phosphoric, arsenic, arsenous, boric, and car¬ 
bonic acids; also those of sodium hydroxide, benzylamine, 
aniline, and ammonia. He did not get very reliable results 
with the last three substances, as they affected the electrode. 
He also made a study of the titration of a weak acid in the 
presence of a strong one (acetic acid in the presence of hydro¬ 
chloric acid), and of a weak base in the presence of a strong 
one (bcnzylamine in the presence of sodium hydroxide). We 
see from this that Bottger, as early as 1897, had made a complete 
study of the application of the hydrogen electrode to neutrali¬ 
zations. 

Later publications have not brought a new point of view. 
Nevertheless, the paper of J. H. Hildebrand is of great impor¬ 
tance, as he simplified the apparatus (immersion electrode, use of 
voltmeter, etc.) and laid stress upon the practical and theoretical 
significance of the use of the hydrogen electrode. Hildebrand 
also determined various neutralization curves (and displacement 
curves, i.e, curves obtained in the titration of salts of weak acids 
with a strong acid, or salts of weak bases with a strong base). 
He gave the neutralization curve of citric acid with ammonia, 
also those of oxalic, maleic, and fumaric acids, magnesium ammo¬ 
nium phosphate, ferrous sulphate, beryllium sulphate, aluminum 
sulphate, and salts of rare earths. M. L. Malaprade deter¬ 
mined the neutralization curves of the following di- or multi- 
basic acids: Fluosilicic acid (small break at Na 2 SiF 6 , aroimd 
pFL = 3,0), and a larger one after transformation of all SiFe"" into 
Si(OH )4 and 6F”; ferrocyanic acid, H 4 Fe(CN )6 (only one break 
after complete neutralization), pyrophosphoric add, arsenic 
add, iodic acid (oxygen electrode), and periodic add (oxygen 
electrode). In the latter case two breaks were observed, one 
corresponding to NaH4l06 at a pR around 4 (colorimetric), and a 
second one at Na2H3l06 (^H about 9.6). Hildebrand and Hamed^® 

“ J, H. Hildebrand, J. Am. Chem. Soc., 85, 847 (1913), For the titration of 
very dilute solutions of acids and bases, (f. W. Busch, Z. anorg. allgem. Chem., 161, 
161 (1927). 

“Malaprade, Ann. de Chim. (10), 11, 104 (1929). 

“See Hildebrand {loc. ciL), p. 869; see also Hildebrand and Hamed, 8th 
Intemat. Cong. Applied Chem., 1, 217 (1912). 
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made a practical application to the determination of magnesium 
as magnesium hydroxide in the presence of calcium (analysis of 
dolomite). 

The method does not give quite accurate results, however; 
we may conclude from the results of Harned that it may be 
as much as 5 per cent in error. I. M. Kolthoff^i confirmed 
these results, and therefore can not recommend the method 
for general use. The potential reaches constancy very slowly; 
improvement is made by adding an excess of alkali and titrat¬ 
ing back with standard acid. In agreement with Pinkhof 
(Diss. Amsterdam, 1919), Kolthoff found that the accuracy in 
the titration of magnesium chloride was about 1 per cent. In 
the titration of magnesium sulphate the deviation was much 
higher, 5 per cent or more, owing to the formation of basic salts. 
He obtained better results by titrating at a temperature of 70®, 
under which conditions the accuracy is about 1 per cent, when 
the concentration of the magnesium is more than 0.5 N. More¬ 
over, the potential becomes constant very soon after the addi¬ 
tion of reagent. If the concentration of the magnesium is less 
than 0.5 N, the jump in potential at the end-point is so small 
that reliable results can not be obtained. 

H. Bienfait uses the automatic method for the determina¬ 
tion of the end-point. In agreement with Kolthoff’s observa- 

AE 

tions, he finds a maximum in — 0.7 per cent before the equiva- 

Ac 

lence-point is reached (at 70®). By comparison with the curve 
for a standard magnesium solution, he finds the result reproduc¬ 
ible within 0.2 per cent at a dilution of 0.3 N. If the ratio of 
Ca : Mg is greater than 1:1, the calcium has a disturbing 
effect. 

In general we can not recommend this titration method. 

Pinkhof^® used the hydrogen electrode for the titration of 
acetates with hydrochloric acid. Good results were obtained 
only when the concentration was greater than 1 N. (The same 


** I. M. Kolthoff, Rec. trav. chim., 41, 787 (1922). 
^ H. Bienfait, Thesis, Amsterdam (1928). 

** Pinkhof, Dissertation, Amsterdam (1919), p. 44. 
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is true with indicators 2^) Pinkhof titrated ammonium salts 
by adding an excess of sodium hydroxide and titrating back 
with acid. Here again, good results are obtained only in the 
titration of concentrated solutions.^® Pyrophosphate may be 
titrated to secondary phosphate with acid. Pinkhof did not 
succeed in the titration of alkaloids, probably because of their 
reduction at the hydrogen electrode. Fr. Muller and Kolt- 
hoff encountered the same difficulty; yet J. C. Krantz was able 
to titrate some alkaloids, using the hydrogen electrode. 

Pinkhof also determined strong acids in the presence of 
acetic acid. It may be concluded from theoretical considera¬ 
tions, and from the work of Treadwell and Weiss,that this 
application is very limited. Thus, it is not possible to determine 
hydrochloric acid in the presence of formic acid by this method. 
In general, it may be said that in colorless solutions we can not 
do more with the hydrogen electrode than with indicators.^^ 

G. L. Wendt and A. H. Clarke determined the neutraliza¬ 
tion curve of phosphoric acid by calcium hydroxide. They 
did not observe a jump in potential at the point corresponding 
to the formation of secondary phosphate. 

The titration of boric acid, especially in the presence of poly¬ 
hydroxy organic compounds, has been determined by a number 
of investigators. Attention is called especially to the work of 
J. van Liempt and of M. G. Mellon and V. N. Morris.^^ 

E. C. Gilbert titrated hydrazine and its salts, using the 
hydrogen electrode. He found a jump in potential at the point 
corresponding to the mono-salt (basic salt). 

** Cy. I. M. Kolthoff, The Use of Indicators. 

Cf. I. M. Kolthoff, The Use of Indicators. 

Fr. Muller, Z. Elektrochem., 30, 587 (1924). 

J. C. Krantz, J. Am. Pharra. Asjk)c., 14, 294 (1925). 

** W. D. Treadwell and L. Weiss, Helv. Chim. Acta, 8,433 (1920). 

G. L. Wendt and A. H. Clarke, J. Am. Chem. Soc., 45, 881 (1923); H. T. 
Britton, J. Chem, Soc., p. 614 (1927). 

J. van Liempt, Rec, trav. chim., 89, 358 (1920); Z. anorg. Chem., Ill, 151 
(1920). 

M. G. Mellon and V. N. Morris, J. Ind. Eng. Chem., 16, 123 (1924); 17, 145 
(1925); Proc. Indiana Acad. Sci., 38, 85 (1924). 

»* E. C. Gilbert, J. Am. Chem. Soc., 46, 2648 (1924). 
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Extensive studies upon the precipitation of the various 
hydrous oxides from their salts have been made by H. T. S. 
Britton.^^ These investigations show that the direct titration of 
salts of metals with sodium hydroxide to yield slightly soluble 
hydrous oxides does not give good results, as the hydroxide does 
not precipitate in pure form, but always contains some of the 
acid adsorbed. From a general point of view, however, Britton^s 
work is very important. 

The hydrogen electrode has been shown to be of great value 
in many practical and industrial processes. It is suitable for 
use in the titration of fruit juices and beverages (beer, milk, 
etc.); testing and purification of water for household and indus¬ 
trial uses; testing of soil extracts, sludges, tannery liquids, 
soaps, etc. 

R. B. Smith and P. M. Giesydetermined the alkalinity of 
magma magnesiae with the hydrogen electrode. 

E. A. Keeler has described a number of applications to 
industrial processes, together with automatic instruments of the 
kind used in recording pyrometers. The recording instrument 
may be applied, by means of appropriate electrical connec¬ 
tions, to the mecham’cal addition of reagents, the releasing of 
alarm signals at predetermined pB. values of solutions, etc. (C/. 
Chapter VI, §8.) Keeler has also described equipment for the 
testing of boiler water, the carbonation of cane sugar juice, 
the preparation of casein from milk, the investigation of 
soaps, etc. 

R. Kremann and F. Schopfer^® have applied the hydrogen 
electrode to the determination of the acid number of fatty 
acids and of fats, although the air electrode is more suitable for 
this purpose {cf, § 2). J. V. Demarest and Wm. Rieman^^ rec- 

8«H. T. S. Britton, J. Chem. Soc. (Lond.), 127, 2110, 2120, 2142, 2148, 2796, 
2956 (1925); 126, 269 (1926). 

B. Smith and P. M. Giesy, J. Am. Pharm. Assoc., 12, 955 (1923); 18, 
1118, 1119 (1924). 

” E. A. Keeler, J. Ind. Eng. Chem., 14, 395 (1922); Power, 65, 126, 768 (1922); 
also H. C. Parker, Ind. Eng. Chem., 676 (1928). 

••R. Kremann and F. Schopfer, Die Seife, 8, No. 35 (1922). 

J. V. Demarest and W. Rieman, Ind. Eng. Chem., Amd. Ed., 8,15 (1931). 
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ommend the hydrogen electrode for the determination of saponifi¬ 
cation numbers of mixtures of asphalt and drying oils. 

It is beyond the scope of this book to discuss titration methods 
which have been developed for solvents other than water. Ioniza¬ 
tion constants of substances (also the ion product of water), and 
electrode potentials are a function of the solvent. The latter is 
especially the case for the potential of the hydrogen electrode, 
since it is mainly determined by the equilibrium: 

H+ + S^HS + 

(S denotes the solvent; in water + H2O H3O+; equilibrium 
quantitative to the right side.) 

Therefore it is quite possible to find solvents for acid-base 
titrations which can not be performed in aqueous solution. 
Titrations which have been made in ethyl alcohol as a solvent 
are of practical importance; an application of such titrations 
has been made by W. H. Gardner and W. F. Whitmore for the 
determination of the acidity of shellac. It may also be men¬ 
tioned that J. F. M, Caudri determined acetic anhydride in gla¬ 
cial acetic acid. 

In alcoholic medium acetic anhydride can be determined 
with ammonia and there is no danger of the formation of ethyl 
acetate. J. F. M. Caudri titrated in a medium consisting of 
about 50-60 per cent ethyl alcohol. In the determination of 
acetic acid a jump in potential of about the same order as in 
aqueous solution is obtained. The anhydride reacts slowly 
with ammonia; a small excess is therefore added, and titrated 
back with hydrochloric acid. 

Studies in other solvents, of which especially those of Hall 
and Conant in glacial acetic acid may be mentioned (use of 

E. R. Bishop, E. B. Kittredge, and J. H. Hildebrand, J. Am. Chem. Soc., 
44, 135 (1922). 

»»W. H. Gardner and W. F. Whitmore, Ind. Eng. Chem., Anal. Ed., 1, 
205 (1929). 

J. F. M. Caudri, Dissertation, Leiden, 1928. 

J. B. Conant and N. F. Hall, J, Am. Chem. Soc., 49, 3062 (1927); Hall and 
Conant, 49, 3047 (1927); Hall and Werner, ihid.y 60, 2367 (1928); Hall, 
Chem. Rev. 8, 191 (1931). 
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chloranil electrode), are extremely interesting from a theoretical 
point of view, but their practical application is still very limited. 

2, The Oxygen and Air Electrodes .—General Discussion ,— 
When oxygen is supplied to an unattackable electrode,’’ e.g., 
one of platinized platinum, there is a tendency to form oxygen 
ions, and the electrode becomes positively charged: 


\02 + 2 ^ ^ 0 “ 


This tendency is proportional to the partial pressure (concentra¬ 
tion) of the gas. At constant temperature: 


^furthermore, we have: 


[Oj 

M02] 


= K. 


and 


or 


[H+][OH-] = K„, 

[0-][H+] _ 
[0H-] 


[Oi 



Upon combining these equations, we have: 


[ 0 -] 


K..K' 

[H+p- 


According to the Nemst equation, the potential of the oxygen 
electrode is given by: 


or 


E = 


0.059, P 

—'“Sioi 


C + 


0.059 


log 


[H+P 

K„K'’ 


E = 80 + 0.059 log [H+] (at 25°). 


It is therefore obvioug that the oxygen electrode acts as an indi¬ 
cator for hydrogen ions. 

It has been shown conclusively in a number of investiga- 
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tions that the potential of the oxygen electrode is irreversible, 
the probable explanation being that oxide formation enters as 
a complicating factor. Although the oxygen electrode never 
reaches a steady potential value, the magnitude of the variation 
is only of the order of 5-10 millivolts per hour in acid solution 
after approximate saturation of the electrode with the gas. In 
alkaline solution the drift is about six times as great. N. H. 
Furman found that an electrode that was saturated with 
oxygen or air could be used in ordinary analytical determina¬ 
tions in spite of this variation. The change in the electromotive 
force does not mask the trend of the titration curve, which may 
be constructed in a few minutes. Usually about fifteen to 
twenty minutes' passage of the gas serves to saturate the elec¬ 
trode before the titration is commenced. 

Theoretically, we should expect that the air electrode would 
be 0.008 volt less positive than the oxygen electrode under 
similar conditions. Smalc*^^ found that the difference was ten 
to fifteen times as great. 

Richards has found that the potential of the oxygen elec¬ 
trode varies quantitatively, although not thermodynamically, 
with the partial pressure of the oxygen gas between zero and 
one atmosphere pressure. The electrode showed potentials 
that were relatively steady for several days in borate buffers. 
It was found possible to use the electrode for the indirect measure¬ 
ment of hydroxyl-ion activity. The procedure was briefly as 
follows: The oxygen electrode is seasoned " in a buffer solution 
of approximately the same pH as that of the unknown solution, i.e., 
allowed to reach a fairly steady potential; it is then transferred 
to the unknown solution and observed for about 20 minutes 

Cf. Crotogino, Z. anorg. Chem., 24, 258 (1900); Bose, Z. physik. Chem., 84, 
730 (1910); Wilsmore, ibid., 35, 291 (1900); Czepinski, Z. anorg. Chem., 30, 1 
(1902); Westhaver, Z. physik. Chem., 51, (1905); Lewis, J. Am. Chem. Soc., 
28, 158 (1906); Schoch, J. Phys. Chem., 14, 665 (1910); Foerster, Z. physik. 
Chem., 60, 336 (1910); G. Tammann and F. Renege, Z, anorg. allgem. Chem., 156, 
85 (1926). 

^*N. H. Furman, J. Am. Chem. Soc., 44, 2685 (1922). 

** Smale, Z. physik. Chem., 14, 600 (1894); see afio Hoeper, Z. anorg. Chem., 
20, 423 (1899). 

« W. T. Richards, J. Phys. Chem., 82, 990 (1928): 
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(readings at 2, 3, 19, 20, 21 min.), after which it is rinsed with the 
original buffer solution, which has been saturated with oxygen 
and brought to thermostat temperature; readings are then 
repeated in the buffer solution. Finally a second series of obser¬ 
vations is made upon the unknown solution and the buffer solu¬ 
tion. The average of the two resting potentials in the unknown 
solution is subtracted from the first resting potential in the buffer 
solution to give the value from which the pH is to be computed. 
This value is closely checked, subtracting the average of the two 
resting potentials in the buffer solution from the second resting 
potential that was found for the unknown solution. By thus 
bracketing the measurements of the unknown and the buffer 
solution it is possible to allow for any drift in the electrode and 
to obtain more accurate pH measurements than is possible with 
other technique. A similar method was worked out, apparently 
in much less detail, by Barendrecht.^® 

Richards found that a rather large electrode was essential 
for steady readings (foil 1 by 2 cm.). The surfaces were given a 
heavy coating of platinum black, using platinic chloride free of 
addition agents (lead acetate), and a high current density, and 
at an E.M.F. of about 10 volts. The electrodes were made 
alternately anode and cathode in a dilute oxy-salt solution 
(preferably borate or phosphate) after the platinizing and wash¬ 
ing, in order to remove traces of chlorine from the plating solu¬ 
tion. The electrode had to be ‘‘ seasoned ’’ finally, to allow for 
gradual fall in potential if the electrode was finally the anode 
during the electrolytic cleaning, or to overcome an opposite effect 
if it was the cathode. 

The oxygen and air electrodes that Furman used were of the 
EKldebrand type. The electrodes were supplied either from 
a cylinder of oxygen, or with gas generated electrolytically in 10 
per cent sodium hydroxide solution at a nickel anode. The gas 
was washed by acidified permanganate solution, and by concen¬ 
trated sodium hydroxide. The permanganate washing was 
omitted when air was used instead of pure oxygen. 


** H. P. Barendrecht, Ron. Akad. Wet. (Amsterdam), Proc, 22, 2 (1919). 
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P. A. van der Meulen and F. Wilcoxon^'^ prefer a bright 
platinum electrode, which gives fairly constant potential values. 
The platinum acts as an oxygen electrode in a more or less com¬ 
pletely saturated condition, depending on the preliminary treat¬ 
ment. Funnan {loc, cit.) found that the air electrode was much 
less influenced by minor changes in manipulation than the 
simple platinized or bright platinum electrodes. A less sensi¬ 
tive potentiometer may be used with the air electrode. 

Satisfactory titration curves are found either in the presence 
or absence of oxidizing agents. In the absence of pronounced 
oxidizing and reducing agents, a fair approximation of the 
hydrogen-ion concentration may be made after empirical cali¬ 
bration of the E.M.F. values of the oxygen (or air) electrode 
against a normal calomel cell, with standard buffer mixtures.'*^ 

H. P. Barendrecht made use of the oxygen electrode for 

determinations in connection with enzyme studies. A. K. 
Goard and E. K. Rideal employed a carefully controlled oxygen 
electrode in the measurement of certain otherwise inaccessible 
potentials. 

The air electrode is very convenient, according to I'urman 
for the determination of free acid in bichromate, or free alkali 
in chromate, or in the analysis of mixtures of chromate and 
bichromate. He also used it in the determination of various 
acids, e.g., hydrochloric, nitric, perchloric, acetic, etc. 

S. Popoff and M. J. McHenry used the smooth platinum, 
electrode for neutralizations in the presence of oxidizing agents 
such as permanganate {cf. also Furman (1922)), and organic sub¬ 
stances which are reduced at the hydrogen electrode, as, for ex¬ 
ample, phenol, cresols, varnish, alkaloids. During the titration 
a current of air free of carbon dioxide was passed through the 
solution. 

P. A. van der Meulen and F. Wilcoxon, Ind. Eng. Chem., 16, 62 (1923). 

Cf, G. H. Montillon and N. S. Cassel, Trans. Am. Electrochem. Soc., 46, 259 
(1924); see also H. T. S. Britton, J. Chem. Soc., 126, 1572 (1924). 

"H, P. Barendrecht, K. Akad. Wetensch. (Amsterdam), Proc, 22, 126 (1919). 

A. K. Goard and E. K. Rideal, Trans. Faraday Soc., 19, 740 (1924). 

N. H. Furman, Trans. Am. Electrochem. Soc., 48, 79 (1923). 

** S. Popoff and M. J. McHenry, Ind. Eng. Chem., 20, 534 (1928). 



THE OXYGEN AND AIR ELECTRODES 


219 


It should be mentioned that in cases where strongly oxidizing 
substances like permanganate, dichromate, etc., are present, 
the electrode indicates the oxidation potential of the oxidant, the 
latter being a function of the hydrogen-ion concentration of the 
solution. 

L. Malaprade recommends the use of a platinum electrode 
which has been plated electrically with gold. The fresh surface 
has a black appearance; after some days it appears yellow, and 
must then be plated (gilded) again. 

In agreement with the results of Furman {loc, cit) he found 
that the E.M.F. measurements are not quite reproducible. 

The electrode is very useul for the titration of oxidizing acids, 
as iodic and periodic. The latter acid gives two points of inflec¬ 
tion, the first occurring at a value corresponding to NaH 4 l 06 , 
and the second to Na2H3l06. The latter salt is hydrolyzed, and 
the solution has a pK of about 9.5. 

W. D. Treadwell and G. Schwarzenbach have applied the 
smooth platinum electrode to the alkalimetric titration of nitro 
bodies, nitro phenols, and various dyestuffs (alizarine and 
derivatives) in alcoholic solution. In order to prevent oxidation 
by air the titrations were carried out in an atmosphere of nitrogen. 

Substances with multivalent phenol functions very often 
behave differently toward sodium and barium hydroxide, 
respectively. With the former reagent the leap in potential 
usually occurs where one phenol group has been neutralized, 
whereas with barium hydroxide, slightly soluble compounds, in 
which two or more phenol groups are neutralized, are frequently 
precipitated, and the corresponding jump in potential occurs at a 
different point. The different behavior of various substances in 
this respect can often be made the basis of the determination of 
one substance in the presence of another. Thus alizarine and 
chinizarine can be determined in the presence of one another; 
the same is true of alizarine, anthra- and flavopurin. 

G. S. Tilley and O. C. Ralston used the air electrode to 

*’L. Malaprade, Bull. Soc. chim. (4), 89, 325 (1926). 

“ W. D. Treadwell and G. Schwarzenbach, Helv. Chim. Acta, 11, 386 (1928). 

“ G. S. Tilley and O. C. Ralston, Trans. Am. Electrochem. Soc., 31 (1923). 
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detect the point where metals are completely removed from solu¬ 
tion by hydrolytic action. They thus controlled the oxidation 
of ferrous iron by manganese dioxide or by aeration. This is 
of importance in the purification of copper sulphate solutions, 
with calcium carbonate and air, before recovery of the copper. 
The electrode is ineffective when the oxidation is slow. 

R. Kremann and F. Schopfer used the bright platinum 
oxygen electrode or air electrode for the determination of the acid 
number of acids and fats. They recommend the use of 0.1 N 
alcoholic potassium hydroxide. If the soap is deposited on the 
electrode the latter may be cleaned by scraping. The jump in 
potential generally occurs at the point where phenolphthalein 
changes color. 

S. Popoff and M. J. McHenry'''"^ used the bare platinum 
electrode (cf. van der Meulen and Wilcoxon) for the titration of 
alkaloids. The electrode is cleaned, after every titration, by 
immersion in cleaning mixture (dichromate-sulphuric acid), fol¬ 
lowed by thorough washing. Curves are given for the titration of 
quinine, quinine sulphate, cocaine, cocaine hydrochloride, cin- 
chonidine, and strychnine. 

R. B. Smith and P. M. Giesy studied the titration of ferric 
chloride with sodium hydroxide with the aid of the oxygen elec¬ 
trode. 

Arthur and Keeler have described a continuous recording 
apparatus for the measure and control of the alkalinity of 
boiler feed water, by means of the air electrode — 0.1 N calomel 
electrode cell. The electromotive-force readings were calibrated 
empirically in terms of grains of alkalinity per gallon of water. 

In a brief note, H. H. Willard and F. Fenwick have described 
the application of the bimetallic system to quantitative neu¬ 
tralizations. Their usual polarized system {cf. Chapter VI, § 4) 
was used. When the solution to be tirated contained a small 

R. Kremann and F. Sch5pfer, Die Seife, 8, No. 35 (1922). 

S. Popoff and M. J. McHenry, J. Am. Pharm. Assoc., 14, 473 (1925). 

R; B. Smith and P. M. Giesy, J. Am. Pharm. Assoc., 12, 855 (1922). Also 
Britton, J. Chem, Soc., 127, 2148 (1925). 

Arthur and Keeler, Power, 55, 768 (1922). 

H. H. Williard and F. Fenwick, J. Am. Chem. Soc., 45, 715 (1923). 
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concentration of hydrochloric acid, the action of the galvanometer 
was extremely sluggish in the region of the neutral point. 

An apparently enormous resistance was set up within the 
solution; the measuring instruments lost their sensitivity and 
no end-point was obtainable. The addition of potassium 
bromate did not improve matters. When, however, a neutral 
solution of hydrogen peroxide (neutralized with bromphenol 
blue as indicator) was added, the normal sensitivity continued 
throughout; a potential difference persisted to within 0,3 to 
0.4 cc. of 0.1 N titrating solution of the end-point, then began 
slowly to decrease, and at the neutral point a clear, sharp down¬ 
ward break occurred. With the reversed titration a rise pre¬ 
ceded the end-point which was marked by an upward break of 
about 100 millivolts. A slight excess of the acid caused the 
voltage to fall. In neither case was the end-point permanent.’^ 
In both cases the point of maximum velocity of potential change 
was exactly at pH 6.8. 

In the authors’ opinion, the addition of hydrogen peroxide 
probably makes the system an oxidation-reduction system, the 
potential of which depends upon the hydrogen-ion concentration. 

A. H. Wright and F. H. Gibson®^ use the polarized system 
without the addition of hydrogen peroxide. The polarizing 
current for the platinum electrodes is 2.3 X 10""^ amperes. 
The potential at the cathodically polarized platinum electrode 
was measured against the normal calomel reference electrode. 

This complicated system has no decided advantages, in our 
opinion, since a neutralization curve may be obtained in much 
simpler ways. 

Instead of the polarized system, J. C. Briinnich^^ employs 
a cell composed of a platinum and a graphite electrode. Pure 
graphite must be used; electric-light carbon is quite unsuitable. 

The combined electrodes were made from a graphite rod 
about 3 cm. long, enclosed in a glass tube leaving about 2 cm. 
projecting. A few drops of mercury inside the tube make the 
connection with a copper wire attached to the positive side of 

« A. H. Wright and F. H. Gibson, Ind. Eng. Chem., 19, 749 (1927). 

“ J. C. Briinnich, J. Ind. Eng. Chem., 17, 631 (1925). 



222 


NEUTRALIZATIONS 


the galvanometer. The glass tube with the graphite rod was 
enclosed in a wider glass tube, at the lower end of which a few 
holes were blown to insure ready circulation of the liquid. Around 
this outer tube a platinum wire was wound and connected with a 
with a copper wire to the positive side of the galvanometer.^’ 

Briinnich used the potentiometer in all of the tests, but 
remarks that it is unnecessary for practical purposes and that 
the electrodes can simply be connected with a sensitive galvan¬ 
ometer giving a distinct deflection with a potential of 2 to 3 milli¬ 
volts. (Depends also on the current!) On dipping the elec¬ 
trodes into various solutions, the galvanometer at once indicates 
their reaction.” 

“ The electrodes are easily affected and the potential of the 
cell is easily altered, but they are readily tested by successive 
immersion in three beakers, one containing distilled water, the 
second one drop of 0,1 N acid, and the third one drop of 0.1 N 
alkali in 40 cc. of distilled water. The galvanometer must give 
a strong deflection to the positive side with the acid, and to the 
negative side with the alkali, and show no deflection in pure 
water. 

“ If kept in contact for any length of time, the tapping key 
lowers the potential, 0.01 N acid being lowered from 0.18 to 0.10 
volt, but again restored to normal after 70 seconds’ rest.” 
(Depolarization.) Temperature slightly alters the potential, 
0.01 N acid showing 0.0765 at 6° C.,^^ 0.180 at 22® C., and 0.190 
at42®C. 

The curves of the potentials obtained during titration are 
quite as characteristic and sharp as those obtained with the 
hydrogen electrode and calomel cell, although the actual voltage 
is much lower.” 

Briinnich used his system for the titration of strong acids 
and of phthalic, lactic, citric, acetic, phosphoric, and boric acids, 
and borax. The neutral point is at practically zero difference of 
potential (—0.005 volt). 

3. Higher Oxide Electrodes—A study of the use of oxide 
and higher oxide electrodes in hydrogen-ion concentration 
Probably should read 0.1765. 
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measurements has been published by H. C. Parker.®^ He 
found that a platinized gold or platinum electrode in contact 
with manganese sesquioxide (Mn 203 ) was the most satisfactory 
of a number of electrodes which he tested. In this instance we 
may be dealing with the reaction: 

Mn 203 (solid) 2 MnO (solid) + 562 (gas). 

According to Parker, ‘‘ In alkaline solution it is more likely 

2 Mn(OH )3 (solid) ^ 2 Mn(OH )2 (soHd) + H 2 O + IO 2 , 
and the essential reaction is therefore, 

Mn+++ + Mn++. 

‘‘If the reaction is reversible wc may apply Peters^ equation,®^ 
and at 25° C. we should have: 

E = eo - 0.0591 log - 0.0591/>H. 

If the ratio ;-- remains constant, the electrode poten- 

[Mn+++] ^ 

tial is a linear function of the reciprocal of the hydrogen-ion 

concentration. , . ” 

When the ratio is constant we may write 

E = Co' - 0.0591/>H. 

Parker tested a number of possible electrode combinations 
in addition to that mentioned above, namely, the following 
oxides: Manganese dioxide, cobaltic oxide, lead peroxide, hydro¬ 
gen peroxide, nickelous oxide. These oxides were studied when 
in contact with one of the following metals: platinum (bright or 
black), gold (bare or platinized), tungsten, mercury, copper, 
palladium, nickel; or with carbon. He also studied electrodes 
of tungsten, nickel, aluminum, copper, palladium, gold, or 
platinum, without addition of oxide. 

Parker determined the eo value of a number of the more 
promising electrodes by testing them against the hydrogen 

«H. C. Parker, J. Ind. Eng. Chem., 17, 737 (1925). 

K. Arndt, H. Walter and E. Zender, Z. angew. Chem., 89, 1426 (1926). 
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electrode in various buffer solutions; his values are given in the 
following table: 


Go Values of Various Electrodes as Determined by Parker 


Electrode 

Buffer Solution 

Phthalate, 
/*H = 3.92 

Phosphate, 
Pii~6.35 

i 

Borate 

-NaCl, 

= 8.25 

Borate, 

^h=9.07 

W~Co20». 

0.387 

0.480 

0.501 

0.508 

W-MnOa. 

0.448 

0.448 

0.512 

0.516 

W-MnaOa. 

0.402 

0.4S6 

0.501 

0.502 

W—Mn203, treated *. 

0 450 

0.462 

0.466 

0.464 

W-bare. 

0 371 

0.410 

0.457 

0.453 

W—treated *. 

0.355 

0.410 

0.435 

0.433 

Pt—Mn203. 

0.981 

1.016 

1.015 

1.016 

Pt, platinized. 

0 928 

0.940 

0 945 

0 940 

Pt, platinized—CoaOa. 

0.918 

0.952 

0.952 

0.954 

Au, platinized — MnaOa. 

0 965 

0.976 

0.971 

0.967 

Pt, platinized -* Mn aOa. 

0.968 

0.974 

0.970 

0 969 


* The treatment consisted in immersion of the electrode in strongly alkaline buffer solution until 
the potential became constant ("after several days). The effect of the treatment persists for about two 
weeks, when the electrode is used for measurements in a flowing solution. 


From Parker’s eo measurements it is evident that a number 
of the electrodes are suitable for use in alkaline solutions, but 
that the manganese sesquioxide is the only one that is suitable 
in both acid and alkaline solution. The advantages which are 
claimed for the use of these electrodes in industrial measure¬ 
ments are: They can be used in a flowing solution which is 
freely exposed to air; they require no supply of gas under pres¬ 
sure; they are remarkably free from ^ poisoning.’ ” 

If lead peroxide is electrolytically deposited on a platinum 
electrode, the latter behaves as a lead peroxide electrode, the 
potential of which depends to a great extent upon the hydro¬ 
gen-ion concentration. This may be shown by the equation: 


Pb02 + 4H+ + 2e^ Pb++ -I- 2 H 2 O 
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from which we have: 

[Pb^+] _ 

[Pb02][H+]^ ’ 

and as [Pb 02 ] is a constant, 

[Pb+i ^ , 

[H+]* 


We have seen from the equation above that two electrons 
participate in the reaction; the potential of the electrode is 
therefore represented by the equation: 


^ 0.059, K[Pb + +] . 0.059 


log [Pb*^+] — 0.118 log [H+]. 


The more acid the solution the more positive the electrode 
will be. If the lead-ion concentration could be kept unchanged, 
the potential of the electrode would change 2 X 59 millivolts 
with each unit of variation in whereas the hydrogen elec¬ 
trode only changes 1 X 59 millivolts. In a preliminary investi¬ 
gation, Kolthoff determined the potential of the lead peroxide 
electrode in acid and alkaline buffer mixtures. In contrast to 
the equation above, the potential changed about 130 millivolts 
for each unit change in of acid solution, and in alkaline solution 
only 75 millivolts for the same change in pH, The discrepancy 
has not yet been cleared up. 

Kolthoff used a platinum gauze electrode on which lead per¬ 
oxide was deposited electrolytically (anode in electrolysis of 
a lead salt in dilute nitric acid). One advantage is that the 
potential of the electrode soon becomes constant, so that a 
titration may be finished in a few minutes^ time. Its applica¬ 
tion is limited to the titration of strong oxidants. Good results 
were obtained in the titration of nitric, perchloric, and chloric 
acid, of acid in presence of permanganate or dichromate, etc. 
.Hydrochloric acid, however, is oxidized to chlorine and the lead 
peroxide is dissolved. The electrode then acts as an oxygen 
electrode. 

4. The Quinhydrone Electrode.—Since the quinhydrone 
electrode is a very simple and convenient one for the accurate 
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measurement of the hydrogen-ion concentration in acid solu¬ 
tion, and as it has been applied more and more frequently for 
this purpose, a rather detailed discussion of it will be given here. 

If we have a reversible oxidation-reduction reaction which 
may be represented by the equation: 


A + 2H+ + 2e:^ H 2 A, 
the oxidation potential of the system will be: 
0.059, [AlfH+p 


60 + 


log- 


or 


^ . 0*059 , 

E = eo H-log 


IH2AJ ’ 

[A] 


[H 2 A] 


+ 0.059 log [Hi (25i. 


This relation has been confirmed for the systems: hydro- 
quinone-quinone (Biilmann); dialuric acid-alloxan (Biilmann 
and Lund); azo-hydrazo compounds (Biilmann); cystine- 
cysteine (Dixon and Quastel, 1923). Of these systems the 
quino ne-hYdroquinone , one is the most suitable for practical use, 
as the two substances unite in equimolecular proportions to 
[form the slightly soluble compound, quinhydrone. 

The quinhydrone electrode may be considered as having a 
certain hydrogen pressure which is very small; its magnitude is 
regulated by the reaction: 


C6H4O2 + H2 ^ C6H4O2H2. 

quinonc hydroquinone 


The hydrogen concentration in the electrode is equal to: 


[H 2 ] = K 


[hydroquinone] 

[quinone] 


The hydrogen pressure is so small that it is hardly capable of 
practical realization (at 18° and pB.= 0 , Ph, = 10 "**'*). The 
authors therefore prefer to represent the transformation of 
quinone into hydroquinone by the electrochemical equation: 

C6H4Q2 + 2 H+ + 2 e^ C6H4O2H2. 
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Two hydrogen ions arc discharged in this reduction. The 
potential of the electrode will therefore be: 

^ 0.059, _ Kfquinone][H+]2 

h — l^S n 1 • I ^25 ). 

2 [hydroquinonej 


As quinhydrone is an equimolecular compound of quinone 
and hydroquinone, we have: 

[quinone] = [hydroquinone], 

and 

E = log K[H+p = Go + 0.059 log [H+]. 


Hence the quinhydrone electrode changes its potential in exactly 
the same way, with changes in hydrogen-ion concentration, as 
the hydrogen electrode does. 

According to E. Biilmann^^ and his collaborators, at 18® 

Co = 0.7044 volt (referred to normal hydrogen electrode). 


According to E. Biilmann and J. Krarup,^*^ the temperature 
coefficient of the cell: quinhydrone electrode — normal hydrogen 
electrode, between 0® and 37®, is equal to — 0.00074 volt. 
From the aforesaid and the data in the literature, we find:®® 

0.3665 - 0.00068(/ - 18) - ttojn 
^ 0.0577 + 0.0002 - 18) 

^o.iN = E.M.F. against the 0.1 N calomel electrode, 

_ 0.4181 ~ 0.00050(^ - 18) - 
^ 0.0577 + 0.0002(/ - 18) ’ 


ttin = E.M.F. against the N calomel electrode. 

_ 0.4496 ~ 0.00035(/ ~ 18) - 
^ ~ 0.0577 + 0.0002(/ - 18) 

TTs s = E.M.F. against 3.5 N calomel electrode. 
(pH. expressed in Sorensen units.) 


E. Biilmann, Ann. de Chimie (9), 16, 109 (1921); E. Biilmann and H. Limd, 
Ann. de Chimie, 16,321 (1921); 19,137 (1923); E. Biilmann, Trans. Faraday Soc., 
19, 57 (1923). 

E. Biilmann and J. Krarup, J. Chem. Soc., 126, 1954 (1924), 

«« C/. I. M. Kolthoff, Z. physiol. Chem., 144, 259 (1925). 
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The qiiinhydrone electrode furnishes us with a rapid means 
for the determination of hydrogen-ion concentrations. Its 
manipulation is much more convenient than that of the hydrogen 
electrode. The electrode is a bright piece of platinum wire, 
foil, or gauze. In order to make the electrode ready for use, 
the electrolyte is shaken for about half a minute with a little 
quinhydrone (about 5(^100jng.) and then the measurement can 
be made. The electrode must be cleaned, if necessary. The 
qmnhydrone may be very suitably prepared as follows: 1 00 g . 
ferric^ngxQjpjhi^ are..dfesqlyed in 300 cc. w ater at 65° C.. 

I a nd this s o lution is poured into n^sfJution jof. 25.^. 
in 300 cc. water. Tte guinh^^ in fine needles; 

after cooling in ice it may be.cpU,§^^ Yield,. 15 g. 

After rec^stigjizaJtipix pply a trace.of iron. 

"^TElie quinhydrone electrode may often be applied in cases 
where the hydrogen electrode docs not give good results, as in 
the presence of metals that lie below hydrogen in the electro¬ 
motive series; also in the presence of alkaloids. It may be ap¬ 
plied to the determination of the acidity of soils,®® or of milk 
and dairy products.^® It is also important from a theoretical 
point of view.'^^ Its salt error has been determined by S. P. L. 
Sorensen and his collaborators;'^^ the protein error by Kolt- 
hofl {loc. cit.y p. 227). 

It may be mentioned that I. M. KolthofI and W. Bosch 
met with difiiculties in the determination of the p¥L of very dilute 
buffer mixtures of slight buffering action. The reason was that a 
•®I. M. Koltboff, Rec. trav. Chim., 42, 186 (1923); E. Biilmann, J. Agile. 
Science, 14, 232 (1924); H. R. Christensen and S. J. Jensen, Internal. Mitt. f. 
Bodenk, 14, Heft I-II (1924). 

V. Lester, J. Agric. Science, 14, 634 (1924). 

S. Granger, Dissertation, New York (1920); J. S, Granger and J. M. 
Nelson, J. Am. Chera. Soc., 43, 1401 (1921); J. B. Conant, H. M. Kahn, L. J. 
Fieser, and S. S. Kurts, ibid.j 44, 1382 (1922); J. B. Conant and L. J. Fieser, ibid.^ 
44, 2480 (1922); 46, 2194 (1923); V. K. La Mer and L. E. Baker, ibid,, 44, 1954 
(1922); L. E. Baker, Dissertation, New York (1923); E. Biilmann, A. L. Jensen, 
and K. O. Pedersen, J. Chem. Soc., 127, 199 (1925). 

S. P. L. Sorensen, M. SOrensen, and K. LinderstrOm-Lang, Ann. de Chimie, 
16, 111 (1921); K. Linderstrom-Lang, Compt. rend, du Lab. de Carlsberg, 16, 
No. 4 (1924). 

«I. M. Kolthoff and W. Bosch, Biochem. Z., 188, 434 (1927). 
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small fraction of the quinhydrone was oxidized on long standing 
to substances of acid character so that the introduction of such 
quinhydrone into slightly buffered solutions decreased the pR. 
Therefore for such determinations and for titrations of very dilute 
solutions of acids it is advisable to wash the quinhydrone with 
water until all free acid has been removed. With such purified 
quinhydrone no difficulties are encountered. 

One serious objection to the application of the quinhydrone 
electrode is that it can not be used in alkaline solution. The 
hydroquinone acts as a weak acid and gives off hydrogen-ions, 
and incorrect values for pH are found. In general we may say 
that when is smaller than 8 reliable results are obtained. 
In solutions of good buffer capacity good results are obtained 
even at pH = 9. 

The quinhydrone electrode can be warmly recommended 
for titrations If we wish to carry out a titration some quin¬ 
hydrone is added to the solution and a platinum electrode is 
dipped in. Electrical stirring is usually unnecessary, for the 
electromotive force rapidly becomes constant upon stirring by 
hand with a glass rod. It is very convenient for the titration of 
acids, or of salts of weak acids with strong acids. A detailed 
study of the application of the quinhydrone electrode to the titra¬ 
tion of acids of different strengths and concentrations has been 
made by A. Klit.'^^'’ In confirmation of the work of previous 
investigators, Klit found accurate results if the dissociation con¬ 
stant was larger than at a normality of 0.1, or with a con¬ 
stant greater than 10“® at a normality of 0.005. 

Working with the differential system (c/. p. 112 ff.), B. L. Clarke 
and L. A. Wooten^® were able to titrate extremely dilute solu- 

M. KolthoflF, Rec. trav. chim., 42, 186 (1923); V. K. LaMer and T. R. 
Parsons, J. Biol. Cliem., 67, 613 (1923); L. J. Harris, Proc. Roy. Soc., 65, 439, 499 
(1923); J. Chem. Soc., 123, 3294 (1923); J. Auerbach and E. Smolczyk, Z. physik. 
Chem., 110, 65 (1924); H. Baggesgaard-Rasmussen, Z. Elektrochem., 81, 189 
(1925); L. R. Wagener, and W. J. McGill, J. Am. Pharm. Assoc., 14, 288 (1925); 
Baggesgaard-Rasmussen and Schou, Z. Elektrochem., 81, 189 (1925); E. B. R. 
Prideaux and F. T. Winfield, Analyst, 55, 561 (1930). 

A. Klit, Z. physik. Chem., 181, 61 (1927); also Rabinovidi and Kargin, 
Z. Elektrochem., 88, 11 (1927). 

B. L. C3arkc and L, A. Wooten, J. Phys. Chem., 88, 1468 (1929). 
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tions of weak acids (0.0004 N a cetic acid) with an accuracy of 1 to 
2 per cent. Under these conditions it is necessary to work in an 
inert atmosphere; oxygen and carbon dioxide interfere. In 
hydrogen or nitrogen only one break in potential is observed, 
which confirms the results of Kolthoff and Bosch {loc, cit.) and 
of Rabinovich and Kargin.^^ In alkaline solutions irregular 
readings are obtained on account of the acid character of the 
hydroquinone. It has been applied by Kolthoff {loc, cit)^ 
Baggesgaard-Rasmussen {loc. cit), and Wagener and McGill 
{loc. cit) to the titration of alkaloids and their salts. Harris 
{lac, cit) employed the electrode in the titration of amino acids. 
T. Callan and S. Horrobin used it successfully in the determina¬ 
tion of the alkalinity or acidity of dyestuffs. If the alkalinity 
is to be determined, an excess of hydrochloric acid is added, the 
carbon dioxide is boiled off; quinhydrone is added after cooling, 
and the excess of acid is titrated with sodium hydroxide. Accu¬ 
rate results are obtained. The Pinkhof system can be applied 
advantageously. 

For the titration of acids bound to aluminum oxide or ferric 
oxide, P. Drossbach titrates with sodium hydroxide, using a 
quinhydrone indicator electrode. It appears, however, that the 
method gives good results only when the metals mentioned are 
combined with halide ions. The precipitation of the hydrated 
oxides is complete at a pH of 7 =b 0.3. It may also be used in the 
determination of the acidity of beverages, fruit juices, soils, etc. 
K. Someya titrated selenous acid, H 2 Se 03 , with potassium 
hydroxide. A break appears after the addition of one equivalent 
of base. The second dissociation of selenous acid is so slight 
that no jump in potential occurs after addition of two equiva¬ 
lents of base.®^ 

H. Seitz and D. S. McKinney used the quinhydrone elec- 

Rabinovich and Kargin, Z. Elektrochem., 34, 311 (1928). 

T. Callan and S, Horrobin, J. Soc. Chem. Ind., 47, 329T (1928). 

P. Drossbach, Z. anorg. allgem, Chem., 166, 225 (1927), 

*® K. Someya, Science Rep, of Tohoku Imp. Univ., 19, 124 (1930). 

According to E. Blanc, J. chim. phys., 18, 28 (1920), the first ionization con¬ 
stant of selenous acid is equal to 2.7 X 10“®, and the second to 5.1 X 10“*. 

**H. Seitz and D. S. McKinney, Ind. Eng. Chem., 20, 542 (1928). 
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trode in amyl alcohol solution for the determination of the 
neutralization numbers of petroleum oils and for the titration 
of free fatty adds. Probably the method will also hold for the 
determination of the acid value of fats and oils. The method 
may be of advantage in the cases mentioned, as a color change 
of indicators is very often hard to perceive owing to the dark 
color of the material. 

Seitz and McKinney give the following directions: 

The solvent is isoamyl alcohol of boiling point 128-132®, 
saturated with LiCl. Potassium or lithium hydroxide is dis¬ 
solved in amyl alcohol to make a 0.1 or 0.05 N solution. 0.05 g. 
of quinhydrone is used per 125 cc. of solution. An agar bridge of 
1.2 g. of agar-agar and 2 g. of lithium chloride dissolved in 100 
cc. of distilled water is used to establish connection between 
the reference half-cell and the solution. The reference cell was 
constructed by placing agar gel in the bottom of a test-tube in 
which a hole about 6 mm. in diameter had been blown. The 
reference liquid was placed above the agar gel, and consisted of 
either solvent and quinhydrone, or solvent, quinhydrone and 
1 g. of benzoic acid per 100 cc. Benzoic acid is not used when 
examining oils of very low neutralization number because of the 
danger of diffusion of the acid through the gel. A blank titra¬ 
tion is made on the solvent. Air is removed from the titration cell 
and the solvent by a stream of pure nitrogen before introduction 
of the unknown oil, and before adding the benzoic acid against 
which the acid is standardized. The indicator and reference 
electrodes were 2 sq. cm. platinum foils in contact with quin¬ 
hydrone. 

R. N. Evans and J. E. Davenport use the quinhydrone 
electrode for the determination of the acidity in insulating oil, 
and recommending methyl alcohol as a solvent. 

As we have seen, the quinhydrone electrode gives unreliable 
results in alkaline solutions. This, however, would not influence 
the result of a titration if it were not for another objectionable 
feature, namely, that the hydroquinone is readily oxidized in 
such solutions to form brown-colored weak acids which neutralize 

R. N. Evans and J. E. Davenport, Ind. Eng. Chem., Analyt. Ed., 8,82 (1931), 
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part of the base. This causes a negative error which may be 
appreciable. Kolthoff {loc, cit.) stated: If the air is removed, 
and the titration carried out in a nitrogen atmosphere, good 
results are obtained, though on account of the acid properties of 
the hydroquinone in alkaline medium the pH can not be computed 
from the E.M.F. measurements. It is more convenient to add an 
excess of acid to the alkaline solution and titrate back with stand¬ 
ard sodium hydroxide. 

If the solution to be titrated contains strong oxidants or 
reductants the quinhydrone electrode is no longer applicable, 
nor is the hydrogen electrode. In some cases the quino-quin- 
hydrone electrode (quinhydrone and quinone) may be used. 

Since the potential of the quinhydrone electrode rapidly 
becomes constant, the Pinkhof system and its modifications 
may be used advantageously. The solution to be titrated is 
brought into electrolytic contact with a quinhydrone electrode, 
which is placed in a buffer solution of the same pH as that at the 
equivalence point. The reagent is added until the galvanometer 
or capillary electrometer gives no deflection. B. L. Clarke 
and L. A Wooten apply the Pinkhof system for the determi¬ 
nation of acid and alkali in paper. It happens that the normal 
calomel electrode has the same potential as the quinhydrone 
electrode in a buffer solution of pH 7.0v3 (25°). The potential 
of other calomel electrodes equals that of the quinhydrone elec¬ 
trode at other values. The data are given in the following table: 


Molar Concentration of 
KCl in Calomel Half¬ 
cell 

pH. in Quinhydrone Cell 
of Same Potential as 
the Calomel Electrode 

4.12 (sat’d) 

7.67 

3.00 

7.48 

2.00 

7.30 

1.00 

7.03 

0.50 

6.75 

0.10 

6.13 


Clarke and Wooten, Ind. Eng. Chem., Analyt. Ed., 2, 385 (1930). 
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6, lodoso (lodoso-iodylo) Benzene Electrode.—In a pre¬ 
liminary note F. Grossman®^ has shown that iodosobenzene in 
contact with a blank platinum wire behaves as an electrode for 
hydroxyl ions: 


CeHsIO + 20H" ?=> C 6 H 6 IO 2 + H 2 O + 2©. 


From this point of view it may be considered as an oxygen elec¬ 
trode with a low oxygen pressure. 

According to the equation, we should expect that the E.M.F. 
between a hydrogen electrode and an iodosobenzene electrode 
would be independent of the pR of the solution, if both elec¬ 
trodes are in contact with a solution of the same pR. As a fact, 
however, Grossman found that there is only a constant value 
between pR 4 and 7; outside these limits there is no constancy. 
Grossman offers some suggestions in explanation of this behavior, 
but the question has not yet been settled. 

By using a value —log Kw = 14.14 at 18°, Grossman arrives 
at the following equations for the computation of pR from the 
E.M.F. as measured against a saturated calomel electrode. 
(tt represents E.M.F. against the saturated calomel electrode at 
18°). 


pR 4 to 7: pR 


1.175 - -TT 
0.0577 


(18°) 


pR> 7: 
pR < 4: 




1.175 - TT -- (0.768 - 7r)0.15 
0.0577 


pR 


1.175 - w - (it - 0.945)0.5 
0.0577 


(18°) 

(18°) 


It should be emphasized that the study of Grossman has a pre¬ 
liminary character, and the above figures can not be considered 
as being very exact. Much more work should be done to discover 
and understand the peculiarities of this new and promising elec¬ 
trode. The iodosobenzene electrode is probably more useful for 
titration work than the quinhydrone electrode, since it can be 
used in alkaline as well as in acid medium. 

F. Grossman, Bull. Soc. Chim., 44, 1063 (1928). 
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lodosobenzene (and also iodylobenzene) can be prepared 
according to the directions of Gattennann by starting with 
aniline. According to Grossman, the iodosobenzene electrode 
becomes constant very soon—^usually after five minutes. In 
acid and neutral solution the potential does not change on stand¬ 
ing. In alkaline medium, however, there seems to be a distinct 
drift. For 10 cc. of solution he used about 0.15 g. of iodoso¬ 
benzene; a part dissolves, and the rest settles on the platinum 
wire electrode. Instead of iodosobenzene, a mixture of the latter 
with iodylobenzene may be used. The iodylobenzene electrode 
alone is far inferior to the ones above mentioned. 

6. Metal Electrodes. —The potential between a metal and a 
solution depends upon the concentration of the ions which the 
electrode can furnish. Let us assume that we have a njetal whose 
oxide has a very slight solubility. In this case the metal-ion 
concentration of the solution will be governed by its hydrogen-ion 
concentration. If we have for example the bivalent metal M 
whose oxide MO is slightly soluble, then wc have: 

MO + 2H+?±M^-+ + H 2 O 
[M++] = K[H+P 
as the concentration of MO is a constant. 

From the Nemst equation, we have: * 

E = Go + log [M++], 

and as we may write K[H'^]2 in place of [M++], we have 

E = GO + ^logK + ^log [H+P 
= 8'o + 0.059 log [H+]. 

It may be concluded from the last equation that the electrode 
potential varies in the same way with changes in hydrogen-ion 
concentration as does the hydrogen electrode. This conclusion, 
of course, holds only when we may assume that the solubility of 

•®L. Gattermann, Practical Methods of Organic Chemistry, p. 217. Transl. 
by W. Schober, Macmillan, 1911. 
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the oxide is so small at the various hydrogen-ion concentrations 
that it docs not affect the latter. 

If we have a trivalent metal the oxide of which is very slightly 
soluble, an equation similar to the above may be derived. 
Actually, only a few metals may be used as indicator electrodes 
for hydrogen ions, since the particular metal must be less elec¬ 
tropositive than hydrogen. Also, if we are to use the electrode 
over the whole range, its oxide must be insoluble in both acids 
and bases. One of the few metals that fulfill these conditions is 
antimony, the oxide of which is amphoteric. 

The Antimony Electrode ,—The solubility of the oxide is so 
small, even in 0.1 N hydrochloric acid and 0.1 N sodium hydrox¬ 
ide, that it docs not change the hydrogen-ion concentration of 
these liquids. In view of the results of K. Schuhmann,^'^ we 
may conclude that in dilute acid solutions the antimony trioxide 
goes into solution with the formation of antimonyl ions, SbO"*": 

SbaOa + 2H^ ^ 2SbO+ + H 2 O. 

As the potential of the antimony electrode is dependent 
upon the SbO+ concentration, and the latter is determined by 
the hydrogen-ion concentration, it is obvious that the potential 
of the antimony electrode will change in the same manner as the 
hydrogen electrode does. It is true that I. M. Kolthoff and 
B. D. Hartong®® in a preliminary paper have found that this 
conclusion does not hold exactly; the deviation is rather large 
in acid solution. At 14° C. they found that up to pK of 5 in acid 
solution the E.M.F. changes 48.5 millivolt^ for each unit of 
change in whereas in alkaline solution at /^Habove 9 it changes 
53.6 millivolts for a variation of 1 in pH. K. W, Franke and J, J. 
Willaman claim that the following relation between the poten¬ 
tial of the antimony electrode (against the normal calomel elec¬ 
trode) and the pH (0—12) holds: 

E = 0.050 + 0.054 pH. (25°) 

K. Schuhmann, J. Am. Chem. Soc., 46, 52 (1924). 

“ I. M. Kolthoff and B. D. Hartong, Rec. trav, chto., 44, 113 (1925). 

K. W. Franke and J. J. Willaman, Ind. Eng. Chem., 20, 87 (1928); cf, also 
A. Itano, Chem. Abs., 24, 2362 (1930). 
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On the other hand, W. H. Harrison and P. N. Vridhachalam find 
against the N.C.E. at 30°: 

E = 0.028 + 0.0498 pH. (30°) 

while J. J. Shukoff and G. P. Awsejewitsch give the following 
relation (against N.C.E. at 14°) : 

E = 0.009 + 0.053 X pH (14°) 

for the interval in pH between 2.5 and 9.2.^^ 

From the large differences in the standard value it may be 
inferred that the antimony electrode is not suitable for the 
precise measurement of hydrogen-ion concentration, although 
it is quite useful for potentiometric titrations. In the latter 
case we are mainly interested in finding the jump in potential 
at the equivalence-point. The reason that various authors report 
various standard values for the antimony electrode must be 
mainly sought in the different types of electrode material 
which they used. In an excellent study, E. J. Roberts and 
F. Fenwick showed that the stable modification of antimony 
trioxide and electrolytically prepared antimony must be used. 
A brief account of their results follows. 

Antimony .—Pure crystalline antimony is prepared by the 
rapid electrolysis of antimony trifluoride solution as described by 
Schuhmann,®’^ The product is not allowed to dry, but is kept 
under water until needed, treated with hot dilute hydrofluoric 
acid, and washed. The trifluoride is obtained by dissolving 
specially purified precipitated oxide in pure hydrofluoric acid. 

Antimony Trioxide .—This is obtained by hydrolysis of anti¬ 
mony trichloride, prepared in a very high state of purity by 
distilling the hydrochloric acid solution of commercial C. P. 
antimony trioxide in an all Pyrex apparatus. The distillate 

W. H. Harrison and P. N. Vridhachalam, Chem. Abs., 24, 192 (1930) 

Z. Elektrochem., 35, 348 (1930). 

also V14s and Vellinger, Arch. phys. biol., 6, 38 (1927); VlSs, ihid.^ 8, 
92 (1927); V. G. Lava and E. D. Hemedes, Chem. Abs., 23, 1336 (1929); also 
for soil, J. Lindeman, Chem. Abs., 22, 2020 (1928). 

•2 E. J. Roberts and F. Fenwick, J. Am. Chem. Soc., 50, 2125 (1928). 

Schuhmann, J. Am. Chem. Soc., 48, 52 (1924), 
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is discarded until a test drop of the dense highly refractive 
liquid solidifies upon striking a cold glass surface. The collected 
product is melted, poured into about 15 times its volume of 
water and allowed to stand over night at 80°. The initial vol¬ 
uminous flocculent precipitate of basic chloride becomes coarsely 
crystalline; it is washed with distilled water, 
digested twice for eighteen hours at 80° with 
a strong solution of carefully recrystallized 
sodium carbonate, and then with hot dis¬ 
tilled water for three weeks, the water being 
changed daily. The resulting very finely 
divided oxide, which is free from pentoxidc, 
is dried at 110°, and is completely trans¬ 
formed into the cubic form by heating for 24 
hours at 470° (transition-point to ortho¬ 
rhombic form at 570 it 10°), 

Vessel, —The electrode vessel used was a 
modification of the type of J. N. Bronsted 
in which the solution flows slowly down 
through a deep layer of the saturating sub¬ 
stance, past the electrode proper, to the 
junction.^^ 

They found the following results: 

The potential of the electrode Sb/Sb 203 - 
solution was shown to depend upon three 
main factors: 

{a) The crystalline character of the oxide 
used; (b) presence or absence of air in the Fig. 66.—An timeny 
electrolyte; (c) direction of the approach <^iectrode of Roberts and 
toward equilibrium. The best results are 
obtained with cubic oxide, air-free electrolyte, and by pre-treat¬ 
ment with a solution more alkaline than the one to be studied. 

Under these conditions the potential is a linear function, with 
theoretical slope, of the ^H; the difference between the antimony 

J, N. Bzdnsted, Kgl. Dansk. Videnskal. Selskal. Math-fys. Medd., 8, No. 9 
(1920). 

•• C/, Roberts and Fenwick, J. Am. Chem. Soc., 49, 2787 (1927), 
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electrode and a hydrogen electrode in solutions of the same 
acidity is 0.1445 volt db 0.2 millivolt. 


At 25°: pn 


Esb - Eo 
0.0591 


E.sb(H) - 0.1445 
0.0591 


(25°) 


Equal accuracy may be secured without the necessity of 
excluding air, provided the electrode is standardized by the 
use of two or more solutions of known acidity. Such an elec¬ 
trode is superior to the hydrogen electrode in that, once set up, it 
requires little further attention, is permanent, and may be 
readily used for solutions the acidity of which is affected either 
by hydrogen alone, or by hydrogen in contact with platinum 
black. Hydrochloric acid (and probably hydrobromic and 
hydriodic acids) may not be present in concentration greater 
than 0.16 M, phosphoric acid at a concentration not exceeding 
0.15 M, and sulphuric in a concentration not exceeding 1 M, 
owing to the formation of new solid phases. Nitric acid and 
sodium hydroxide may be used up to 1 M and 2 M, respectively, 
and perhaps further. 

In any case, the antimony electrode is slower than the 
hydrogen electrode; for very accurate work one has to wait 24 
hours before the potential is constant. 

J. J. Shukoff and G. P. Awsejcwitsch {loc, cit.) prepare the 
antimony electrode by first amalgamating a platinum wire (in 
mercuric chloride or nitrate for 0.5 to 2 minutes at 0.4 to 1.0 mil- 
liampere). The amalgamated wire is washed, dried carefully, 
and electrolyzed in a solution of 25 per cent antimony chloride 
(SbCla) in dry acetone. Thereafter the electrode is washed 
with dry acetone to prevent oxychloride formation. The anti¬ 
mony chloride has to be removed completely, which can be 
accomplished by washing finally with sodium carbonate or sodium 
hydroxide. In using this electrode Shukoff and Awsejewitsch do 
not add antimony oxide, and avoid stirring during the measure¬ 
ment. According to their statement the potential is a linear 
function of the pH. between 2,5 and 9.2. I. M. Kolthoff and S. 
Ishimaru (1929, unpublished) have carried out an extensive 
investigation in order to find a simple type of electrode (platinum 
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electrolytically covered with antimony), using the stable form of 
antimony trioxide. Though conditions of preparation and 
manipulation were varied in all possible ways, they did not suc¬ 
ceed in obtaining an electrode suitable for the precise measure¬ 
ment of ^H; i.e., they did not find any arrangement which could 
serve as a simple substitute for the hydrogen electrode in accurate 
work. 

For potentiometric titrations, however, it is not strictly 
necessary to have an exactly straight line function between 
potential and pM, Therefore for this kind of work an ordinary 
rod of pure antimony will serve. Kolthoff and Hartong {loc. cit.) 
used antimony obtained from Kahlbaum (99.97 per cent Sb), 
which was melted and poured into a cylindrical mold. The rod 
so obtained was joined to a copper wire wliich was connected to 
the circuit. According to Uhl and Kestranek the antimony con¬ 
tains enough antimony oxide so that it may be used directly 
without any addition, Kolthoff and Hartong found that more 
reliable results and more rapidly constant potential were obtained 
if a little antimony trioxide was added. This is not necessary 
for ordinary titrations, but if it is desired to calculate the pH 
corresponding to the measured E.M.F. the presence of some 
oxide is essential. The latter may easily be obtained in a stable 
form, according to Roberts and Fenwick (see above). 

H. T. S. Britton and R. A. Robinson^® also recommended the 
use of a rod of pure cast antimony, which was cleaned with emery 
paper before the determination. Some oxide prepared by the 
method of Schuhmann was added, and the titration started. 
Results reproducible within two millivolts were obtained; this is 
very satisfactory. It was immaterial whether a certain 
value was reached from the acid or alkaline side. If the addi¬ 
tion of the oxide was omitted the reproducibility was about 4 
millivolts over the entire pH range. In the latter cases the pH 
can not be calculated from the E.M.F. simply. The antimony 

H. T. S. Britton, and R. A. Robinson, J. Chem. Soc., p. 458 (1931). 

®’R. Schuhmann, J. Am. Chem. Soc., 46, 52 (1924). (Query: Why not use 
the stable modification of the oxide, prepared by the method of Roberts and 
Fenwick?) 
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should be pure; impurities like lead, bismuth and tin affect the 
E.M.F. 

Britton and Robinson worked imder conditions similar to 
those of Kolthoff and Hartong. The former titrated acetic, 
malonic, maleic, fumaric and boric acids, hydrogen cyanide; 
also phosphoric, sulphurous, selenious (second stage), and selenic 
acids, chromate, tungstate and molybdate. 

R. Brinkman recommends that platinum be covered elec- 
trolytically with a compact smooth layer of antimony by elec¬ 
trolysis from an antimony trichloride solution. The liquid is not 
stirred during the measurement, when this electrode is used. 

In order to obtain good results the liquid must be stirred 
during the titration, by a motor stirrer or by a current of indif¬ 
ferent gas such as hydrogen or nitrogen. The E.M.F. generally 
reaches a constant value within two minutes. The results of 
various titrations are very satisfactory: hydrochloric, sulphuric, 
nitric, perchloric, acetic, oxalic, and some other acids were 
titrated successfully. A good result was also obtained with 
tartaric acid, although the E.M.F. did not correspond to the 
pJi ol the solution. The deviation must be ascribed to the 
formation of the complex antimonyl tartrate. As a consequence, 
the break is not as large as in the case of oxalic acid. There is 
also a measurable quantity of antimony trioxide in the liquid 
after the titration of the tartaric acid. 

J. J. Shukoff and V. M. Gortikoff applied their antimony 
electrode to the titration of various acid and base systems. 
Phosphorous acid, H3PO3, which causes difficulties with the 
hydrogen electrode, may be titrated smoothly as a mono- or 
dibasic acid. Substances insoluble in water may be dissolved 
in alcohol, as the latter does not interfere with the titration. 
They used in their study the Cox differential titration method. 

Conversely, alkaline solutions may also be successfully 
titrated with acid. The antimony electrode may also be used in 
many cases where the hydrogen electrode is used (e.g., in the 

®®R. Brinkman, Nederl. Tijdschr. Geneeskunde, 73, II, 5000 (1929); Chem. 
Abs., 24, 1567 (1930). 

J. J. Shukoff and V. M. Gortikoff, Z. Elektrochem., 85, 853 (1929). 
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titration of beer). It may even be used in cases where the 
hydrogen electrode is not applicable, as in the titration of 
alkaloids. It gives good results in the presence of strong oxidiz¬ 
ing agents, such as permanganate or bichromate, although the 
E.M.F. observed does not correspond with the hydrogen expo¬ 
nent of the solution. Thus, for example, the antimony electrode 
was strongly positive against the normal calomel electrode in 
a solution that contained 0.05 N sulphuric acid and O.OS N 
permanganate. After neutralization of practically all of the 
acid, the E.M.F. fell to zero and changed sign with respect to 
the calomel electrode. As the permanganate oxidizes the trivalent 
antimony to the quinquivalent condition, the anomaly is ex¬ 
plained by the fact that we are dealing with the Sb-Sb^ (or 
Sb"-Sb^) electrode instead of the Sb~Sb”* as in other cases. 
Still, the acid in the permanganate or bichromate can be deter¬ 
mined accurately. In the latter case, the first break in potential 
is at a point corresponding to bichromate, the second to chromate. 

Treadwell and Bernasconi apply the antimony electrode 
to the titration of aluminum and magnesium chlorides, or a mix¬ 
ture of the two, with sodium hydroxide. A small rod of pure 
antimony which has been heated quickly in the Bunsen flame is 
used as an indicator electrode. In the titration of aluminum 
chloride two jumps in potential occur, one after the quantitative 
precipitation of hydrous aluminum oxide, and a second less 
pronounced break after the quantitative formation of aluminate. 
The latter is not abrupt; it is not foimd if there is magnesium 
in the solution, probably because magnesium hydroxide has a 
tendency to form aluminate with hydrous aluminum oxide. 

In the titration of a mixture of aluminum and magnesium 
chlorides the first break is noticed after the completion of the 
precipitation of aluminum hydroxide, and a second after quanti¬ 
tative formation of magnesium hydroxide. The later jump 
occurs too early (about 1 to 2 per cent. C/. p. 211). 

The authors wish to emphasize that Treadwell and Bemas- 
coni worked only with the chlorides. If bivalent anions like 
sulphate are present, the formation of basic sulphates may inter- 
100 w. D. Treadwell and E. Bernasconi, Helv. Chim. Acta, 18, 500 (1930). 
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fere badly, especially in the precipitation of hydrous alununum 
oxide. 

A more systematic investigation of the antimony electrode 
is still desirable. 

The Mercury-Mercuric Oxide Electrode: 

Hg(OH)2 ^ Hg++ + 20H- 
[Hg + +][OHi2 = 


Shk(QH)2 


[Hg+i = 

Eng = Co — 


0.059 


log[Hg^i = 80 - 


0.059 Sng(on)2 


Eng == Co' + 0.059 log [OH-]. 


The mercury-mercuric oxide electrode is an indicator for 
hydroxyl ions and changes its potential in the same manner 
with hydroxyl-ion concentration as the hydrogen electrode does. 
This electrode can not, of course, be used in acid solutions, because 
the mercuric oxide dissolves. Another objection is that mer¬ 
curic ions react with mercury to form mercurous ions: 


Hg++ + Hg^Hg2++. 


This reaction may occur even at small hydrogen-ion concen¬ 
trations, and black mercurous oxide is precipitated. The limit 
of to which the Hg-HgO electrode may be used depends 
very largely upon the chloride-ion content of the solution. The 
chloride ions remove the mercurous ions from the solution, 
forming calomel, and the above reaction is shifted to the right. 
Other halides also have a disturbing action. J. Pinkhof gives 
the table on p. 243. 

When the chloride concentration is smaller than 0.01 N, 
black mercurous oxide will be formed as soon as the hydrogen-ion 
concentration becomes larger than 10“®. Hence, it is only possi- 

According to I. M. Kolthoff, Chem. Weekblad, 14, 1016 (1917), SHg(OH)a 
is equal to 1.4 X lO”®* at (18® C.). 

J. Pinkhof, Dissertation, Amsterdam (1919), p. 31. 



METAL ELECTRODES 


243 


[C1-] 

[OH ~] at which 
Reduction Occurs 

[H '*■] at which 
Reduction Occurs 

1 

10-3 

10-1^ 

lO'i 

10“* 

10-10 

10-2 

10-fi 

10 

0 

10-« 

10-8 


ble to make those titrations of which the at the equivalence- 
point is larger than 8. At higher chloride concentrations, the 

must be proportionately higher (cf, table). The application 
of the mercury-mercuric oxide electrode is therefore very lim¬ 
ited. In the authors’ opinion, the antimony electrode is better, 
because fewer substances interfere with its use, and it may also 
be used in acid media. Pinkhof gives some applications of the 
mercury-mercuric oxide electrode, which will be mentioned 
briefly. 

Titration of Ammonia in its Salts .—The solution which is to 
be titrated must be about 1 N. An excess of normal sodium 
hydroxide is added, and is then determined with normal nitric 
acid. Compensation electrode, Hg-HgO in 0.1 N NaOH. A 
correction of 0.15 cc. of 0.1 N NaOH has to be added to the num¬ 
ber of cubic centimeters of alkali bound per 10 cc. of solution. 
This titration is of little more than theoretical interest. The 
sharpest change in potential occurs at a sodium hydroxide 
concentration of 0.15 N. Pinkhof takes this as the end-point, 
and corrects for the excess of alkali. The value of the potential 
is not the same as in the absence of ammonia. This fact is ex¬ 
plained by the transformation of the mercuric oxide into the 
Millon base, (Hg0H)2NH20H, by the ammonia. In normal 
ammonia this base has a mercuric-ion concentration about 100 
times smaller than mercuric oxide at the same hydroxyl-ion 
concentration, and therefore in the former case the electrode 
potential is about 58 millivolts less negative than in the absence 
of ammonia. Inflection-potential, —0.100 volt against normal 
calomel electrode. The authors can not reconunend this titra¬ 
tion for practical use. 
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Titration of Magnesium in the Presence of Calcium, —(C/. p. 
211.) An excess of normal sodium hydroxide is added to the 
solution to be titrated, the magnesium concentration of which 
may not be less than 0.5 N. Chloride and sulphate ions must be 
absent. The excess of alkali is determined with normal nitric 
acid. Compensation electrode, normal calomel electrode. (In¬ 
flection-potential, 0.00 volt.) This method is of little practical 
use. 

Pinkhof also uses the Hg -HgO electrode for the titration 
of phosphates, pyrophosphates, and boric acid. Heavy metals 
can not be titrated with an excess of sodium hydroxide because 
of the adsorbing action of the hydroxide formed. Alkaloids in 
their salts may be titrated in the same way as magnesium and 
ammonium. The titration may be carried out even in 0.05 N 
solutions. Not even the presence of 0.05 N chloride is harmful. 
An excess of sodium hydroxide is added, and the amount of the 
excess is ^ determined with acid. Compensation electrode, 
0.1 N calomel electrode. (Inflection-potential, -f0.050 volt 
against normal calomel electrode.) Accuracy about 1 per cent. 
The titration of morphine is less accurate, owing to the acid 
character of the free alkaloid, which is a phenol. 

The authors suggest that the copper-cupric oxide electrode 
might have a wider field of application than the Hg-HgO 
electrode. Thus far, no data are available to prove this surmise. 
(Cf. Parker, J. Ind. Eng. Chem., 17, 737 (1925).) 

7. Various Metal Electrodes. The Tungsten Electrode, —^J. R. 
Baylis found that the tungsten wire in an ordinary 40-watt 
electric lamp is an indicator for hydrogen ions. In his experi¬ 
ments he used the water of Gunpowder River, the pH of which 
ranged between 6.5 and 8.6. The useful range may not extend 
much beyond these limits. {Cf. Parker, loc. cit.) There is a 
voltage difference of approximately 90 millivolts for each 
unit (hydrogen electrode, 59 millivolts). Baylis tested only 
water from the one source. A hole large enough to admit two 
small tubes was bored in the lamp bulb. One tube led from 
the calomel electrode, the other from the water source. A rapid 
J. R. Baylis, Ind. Eng. Chem., 15, 852 (1923). 
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displacement of water gave the best results. A lamp gave ac¬ 
curate readings for about a week, after which gradual devia¬ 
tions from the first readings occurred. Baylis’ paper was of 
preliminary character, and a more systematic investigation over 
a wider pH is highly desirable. The results obtained by Parker 
(loc, cil.) show that the electrode does not change regularly with 
pl\ changes throughout the whole range. (C/. W. N. Greer 
and H. C. Parker, Mcch. Eng., 48, 1129 (1926).) 

Parker’s results were confirmed in an extensive study by 
H. T, S. Britton and E. N. Dodd.^®*^" These investigators used 
tungsten in the form of a filament and rods of various sizes. The 
potentials depend upon the size and pretreatment of the metal. 
In all cases the potentials changed on standing, usually tending 
to become more positive. This may be attributed to the formation 
of a very thin film of oxide on keeping the electrodes in an alkaline 
buffer exposed to the air. The necessity of the latter treatment 
has been recognized by Parker and Dannerth.^^^ According to 
Britton and Dodd’s experience the massive form of tungsten 
should be a more satisfactory form of electrode than the thin 
rod. In no case, however, is a constant potential found against 
the hydrogen electrode at various pH values. The electrode must 
be calibrated empirically in buffer solutions and used immedi¬ 
ately afterwards for the unknown. After the lapse of a period 
from 4 hours to 9 days in a buffer with a pH of 2 the potential 
increased from 0,36 to 0.389; at pH of 6 from 0.451 to 0.487; at 
pH of 12 from 0.543 to 0.581. Therefore the tungsten electrode can 
never be a reliable substitute for the hydrogen electrode though 
it may be useful in potentiometric titrations, as Britton and Dodd 
have shown. They used it in the titration of acetic, boric, phos¬ 
phoric, hydrocyanic, hydrazoic, sulphurous, telluric, maleic and 
cinnamic acids. 

The presence of readily oxidizable or reducible substances may 
interfere seriously. 

F. L. Hahn recommends an iron wire which is treated in the 

T. S. Britton and E. N. Dodd, J. Chem. Soc., p. 829 (1931). 

C. Parker and C. A. Dannerth, Ind. Eng. Chem., 17, 637 (1925). 

F. L. Hahn, Z. angew. Chem., 40, 353 (1927). 
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following way: The wire of 1-mm. diameter is rubbed with sand¬ 
paper, and dipped into a saturated solution of lead nitrate 
containing a little zinc or cadmium nitrate. The wire is dried 
in the flame of a large Tedu burner, and after the surface is 
dry, the heating is continued until the yellow-brown lead oxide 
is molten into a homogeneous black layer. After cooling, the 
whole manipulation is repeated two or three times. The wire 
then has a smooth black surface which is very resistant to 
mechanical treatment. The wire is a good indicator for hydrogen 
ions and is, according to Hahn, very suitable for the titration of 
strong and weak acids. We think it doubtful that this elec¬ 
trode has advantages as compared with the antimony electrode. 
A more careful investigation of the matter would be welcome. 
In a former publication, Hahn^^® recommended the use of 
chromium-nickel wire (nichromc) covered with a thin layer of 
lead chromate or lead nitrate, and ignited in the air. W. 
Bottger recommends an amalgamated tin wire for neutraliza¬ 
tions. 

F. W. Todd uses two electrodes, one of iron, the other of 
an alloy of 50 parts antimony and 2-3 parts cadmium, for de¬ 
termining the reaction of ‘‘ blow-up thick juice ’’ in sugar factories. 

R. M. Fuoss found that a number of bimetallic systems 
could be used in neutralizations. He studied the systems: anti¬ 
mony vs. antimony-lead, bismuth vs. silver, antimony vs. copper 
amalgam, copper vs. copper oxide. Few test analyses are given 
regarding the accuracy of the methods with varying concentra¬ 
tions and strengths (Ka) of acids. Fuoss recommends the anti¬ 
mony-copper amalgam pair for general acidimetric and alkali- 
metric work. He finds that the />H-E.M.F. graph for this pair is 
practically a straight line from ^H 3-11. (C/. antimony elec¬ 
trode, where it is shown that this is true of the antimony electrode 
only when extreme precautions are taken.) 

F. L. Hahn, Z. angew. Chem., 89, 666 (1926). 

W. Bottger, Chem. Ztg., 118, 698 (1924). 

108 F. W, Todd, Facts about Sugar, 14, 17 (1927); Chem. Abs., 21, 1380 
(1927); U. S. Patent, 1,601,383. 

R. M. Fuoss, Ind. Eng. Chem., Analyt, Ed., 1, 125 (1929). 
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Kahlenberg and Krueger found later that a large nxunber 
of couples of metals may be used in determining the point of 
neutrality in the titration of acids and bases. The most desir¬ 
able couple would be one that is not attacked in any case by 
the electrolyte, and which at the same time gives a sharp clean- 
cut break at the point of neutrality. As such a pair Kahlenberg 
and Krueger recommend the Si~W couple very highly; however, 
Ag, Cu, Ni, and Cr are so slightly attacked that any of these 
metals used as a couple with W would be satisfactory in making 
titrations. It was found that equilibrium is obtained most 
rapidly with the following couples: W-Cu; W-Ni; W-Si; and 
W-Co; these couples are especially recommended for rapid 
work as titration indicators. 

It should be mentioned that Kahlenberg and Krueger drew 
their conclusions from titration curves of hydrochloric acid 
with sodium hydroxide. Until more careful studies are made, 
their generalizations must be accepted with caution. 

M. L. Holt and L. Kahlenberg used the silver-tungsten 
pair successfully in the determination of the acidity (excess of 
acid) in solutions of brucine, strychnine, cinchonine, codeine, 
cocaine and morphine. It is questionable, however, whether 
this electrode pair offers any advantages in this case over other 
systems (quinhydrone; antimony; air; glass electrode). 

It may be that some of these metal electrodes behave more 
or less as oxygen electrodes, or, on the other hand, that they are 
covered with a film of a slightly soluble oxide so that their 
behavior is comparable with that of the antimony electrode. 

8. The Glass Electrode.—^We may use a glass electrode 
instead of a metal electrode. Haber and Klemensiewicz^^^ 
found that the potential difference between electrolytes in contact 
with the two sides of a thin glass wall is determined in part 
by the hydrogen-ion concentration of the solution. Later, 
K. Horovitz and his collaborators have, as a matter of fact, 
“°L. Kahlenberg and A. C. Krueger, Trans. Am. Electrochem. Soc., 60, 201 
(1929); r/. also Gloss and Kahlenberg, Trans. Am. Electrochem. Soc., 64, 369 
(1928). 

M. L. Holt and L. Kahlenberg, J. Am. Pharm. Assoc., 20, 11 (1931). 

Haber and Klemensiewicz, Z. phy^ik. Chem., 67, 385 (1909), 
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shown that the glass electrodes behave as mixed electrodes. Their 
potential depends not only upon the hydrogen-ion concentra¬ 
tion, but also upon that of the other ions which the glass 
contains (e.g., zinc, sodium, etc.), Horovitz gives many details 
regarding the neutralization curves, which will not be dis¬ 
cussed here. 

Haber’s apparatus is illustrated in Fig. 67. 

S is the solution to be titrated, B a glass bulb with walls 0,06 
mm. thick, and j&lled with potassium chloride solution; W is 

a platinum wire which dips into 
the potassium chloride solution; 
E is a quadrant electrometer, 
C a standard half-cell (calomel 
electrode). According to Haber, 
the potential difference between 
the interior of the glass forming 
the bulb and the solution out¬ 
side varies linearly with the [H*^] 
of solution S. (C/. Horovitz.) 
Haber suggested that the varia¬ 
tion in contact potential might be made the basis of an electro¬ 
metric titration. 

W. S. Hughes used a Leeds and Northrup potentiometer 
and compensated until a quadrant electrometer gave no deflec¬ 
tion. According to Hughes, multivalent cations and anions have 
no influence on the potential difference between glass and solu¬ 
tion. In the titration of gelatin, however, they have a marked 
influence. 

According to Hughes the glass electrode does not behave as 
a mixed electrode; if the proper glass is used (CaO, 8 per cent; 
Na20, 20 per cent; Si02, 72 per cent; c/. also D. A. Macinnes, 
J. Am. Chem. Soc,, 62, 29 (1930)), it gives correct values up to a 
^H of 9.0. G. B. Harrison developed a glass electrode (com- 

iis w.JS. Hughes, J. Am. Chem. Soc., 44, 2860 (1922). Cf. also A. L. v. Steiger, 
Z. Elektrochem., 80, 259 (1924). Cf. W. E. L. Brown, J. Sci. Insts., 2, 12 (1924). 

W. S. Hughes, J. Chem. Soc. (Tx)nd.)' p. 491 (1928). 

G. B. Harrison, J. Chem. Soc., 1930, p. 1528. For glass electrode see also 
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position, 60 per cent, SiOz; 30 per cent, Na 2 C 03 ; 10 per cent, 
CaCOa) with which />H between 1 and 12 could be measured. 

D, A, Macinnes and M. Dole developed a glass electrode 
system for the application of the Macinnes differential titration 
method (c/. p. 112). The apparatus which they used is similar 
to that described on p. 121, and is shown in Fig. 68. It includes 
two glass electrodes, E and E', the latter being surrounded by 
a glass tube A. (See p. 121.) 


Gas 



Fig. 68. —Apparatus for dififercntial Fig. 69. —Glass electrode, 

titration with glass electrodes 
(Macinnes and Dole). 

The glass electrode cell is shown in Fig. 69. A fLin glagg 
diaphragm D is fused onto the end of an ordinary glass tube B. 
This tube is then partly filled with the solution of an electrolyte 
(0.1 N HCl). A silver-silver chloride electrode, C, is placed 
in this solution.”’^ lire upper part of the tube is coated ingid<> 

C. Voegtlin, F. De Eds, and H. Kahler, U. S. Public Health Reports, 46, 22-23 
(1930). 

“* D. A, Macinnes and M. Dole, Ind. Eng. Chem., Analyt. Ed., 1, 57 (1929). 
ty. Macinnes and Beattie, J. Am. Chem. Soc., 42, 1117 (1920). 
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and out with a thin layer of paraiHn. The important part of the 
cell is the thin diaphragm, D, which is about 0.001 mm. thick and 
shows colors because of interference phenomena. Low melting 
soda glass appears to be useful for this purpose. Electrodes of 
high melting glass, including Pyrex,^^ fail as electrodes. The 
diaphragm can be fused on the end of a suitable glass tube by 
blowing a bulb on the end of the tube until portions of the result¬ 
ing film show interference colors. The end of the supporting 
tube, B, is then heated to a low red heat, the correct temperature 
being found by trial and error. The heated tube is then placed 
against the thin bulb. If the conditions are right the film of 
glass will fuse on to the tube. 

Macinnes and Dole used a Compton electrometer for measur¬ 
ing the deflections. Owing to the relatively low resistance of the 
electrode, comparatively little screening from external elec¬ 
trical effects is necessary. The beaker is surrounded by a 
grounded wire basket, and the contact key and reversing switch 
are placed in a grounded box; the former is operated from 
outside by a glass rod. The leads to the electrometer are 
insulated wires, covered with a lead sheathing. 

By working under conditions for precise titrations, Macinnes 
and Dole were able to make determinations of strong acids 
with a strong base, with an accuracy of 0.03 per cent. 

Since the type of glass recommended by Macinnes has such a 
low resistance J, McGavack and J. S. Rumbold and also G. 
Ross Robertson recommend the use of the glass electrode 
(72 per cent, Si02; 6 per cent, CaO; 22 per cent, NaaO; Coming 
Glass Company, Coming, N. Y.), with an ordinary type of 
galvanometer. This considerably simplifies the application of this 
electrode to ordinary type of potentiometiic work. McGavack 
and Rumbold make glass bulb electrodes in the following way: 
A tube of soft laboratory -glass, diameter 13 mm., is drawn out 
to a diameter about 5 mm. A piece of the special glass is fused 
in the narrow end of this tube and blown into the form of a small 

J. McGavack and J. S. Rumbold, Ind. Eng. Chem.> Analyt. Ed., 8, 94 
(1931). 

G. R. Robertson, Ind. Eng. Chem,, Analyt. Ed., 8, 5 (1931). 
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bulb, strong enough to withstand the pressure of S to 8 cc. 
0.1 N hydrochloric acid, yet so thin that the resistance is low 
and screening unnecessary. An ordinary Leeds and Nbrthrup 
galvanometer (sensitivity not stated) is used as a null-point 
instrument, which is sensitive enough to allow measurements of 
E.M.F. within 1 millivolt (0.02 ^H). The open end of the tube 
is coated with paraffin, then filled with 0.1 N hydrochloric acid 
and closed by a rubber stopper to prevent evaporation when not 
in use. Electrolytic contact is made with a calomel electrode 
filled with 0.1 N hydrochloric acid, the side tube of which is 
lowered into the acid in the bulb, when a measurement is made. 
The glass electrode is placed into the solution to be examined 
and the latter by means of an ordinary salt bridge connected to a 
saturated calomel electrode. 

The E.M.F. of the cell is: 

E = -0.1S31 + 0.0591 pn (25°). 

is the hydrogen ion exponent in the solution to be ex¬ 
amined. The equation holds only in acid medium; in alkaline 
solution deviations occur, as has been mentioned before. There¬ 
fore for measurements in alkaline medium the glass electrode is 
calibrated by making measurements in buffer solutions of 
known pTH. Such solutions should have a composition more or 
less similar to the unknown. Even in alkaline solution the 
measurements are easily reproducible, but at pH larger than 
11.0 irregularities may occur. 

It is necessary to allow the glass electrode to reach equilib¬ 
rium after filling it with acid. McGavack and Rumbold recom¬ 
mend that the electrode, after filling with add, be immersed in 
water for a day or two. G. R. Robertson {loc, ciL) makes the 
entire electrode of the soft suitable glass of the same composition 
as given above. He was able to obtain electrodes with a resist¬ 
ance of 2 to 3 megohms and used a Leeds and Northrup type R 
galvanometer, model No. 2500 F, as null-point instrument (sensi¬ 
tivity, 10"^ microampere; accuracy, about 1 millivolt (0.02 pH))* 
For directions of blowing the glass bulb the reader is referred to 
the original paper. Like McGavack and Rumbold he biiilds up a 
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cell of two calomel electrodes, though a silver-silver chloride 
electrode can be placed directly in the glass electrode bulb. The 
potential change per unit between 3 and 5 is 0.059 (25®), 
between 5 and 7, 0.058 volt. 

It is not advisable to permit the electrode to come in contact 
with a very concentrated acid or alkali at a time near that of a 
regular series of measurements. The degree of polarization of 
the glass electrode during a reading is negligibly small. 

According to L. W. Elder, Jr.^^o only the glass electrode is 
suitable for the measurement of the pR of ferric chloride and its 
mixtures with sodium hydroxide. 

It appears that the glass electrode may be very valuable in 
cases where the hydrogen or quinhydrone electrodes are spoiled 
by the presence of strong oxidizing or reducing substances. One 
should always remember, however, that other cations than hydro¬ 
gen ion may affect the potential. It seems worth while, for 
practical purposes, that a special study of this point to be made. 

Important applications of the Macinnes and Dole glass 
electrode have been made by B. Elema.*^^ 

““L. W. Elder, Trans. Am. Electrochem. Soc,, 57, 383 (1930). 

“IB. Elema, Chem. Weekbl., 28, 223, 234 (1931). 
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OXTOATION-REDUCTION REACTIONS. OXIDATION 
WITH PERMANGANATE 

As we have seen in Part I, many oxidation-reduction reactions 
in which hydrogen ions play a part are not completely reversible, 
probably because of the formation of intermediate products. 
Therefore, in many cases, we must be careful not to lay too much 
stress on the values for the normal potentials of these oxidation- 
reduction systems, because they often represent the potential 
value of the system under special conditions. We often observe 
characteristic properties of a system, as, for example, the influence 
of chromic chromium on the chromic acid-chromic ion poten¬ 
tial, which are not easily explained theoretically. 

In Volume II of Volumetric Analysis ^ a fairly complete 
review has been given of the application of oxidizing and reducing 
agents in classical volumetric analysis. Many of the facts given 
there (purity of reagents, standardization of solutions, peculiar¬ 
ities which are encountered during the titrations, etc.) are of 
similar importance to potentiometric titrations. 

Many substances can be reduced to a lower state of oxidation, 
after which the reduction product is titrated with some oxidizing 
agent, like permanganate, ceric sulphate, or in the presence of 
hydrochloric acid, with potassium bichromate. For reduction 
purposes we may mention especially at this point the application 
of liquid amalgams, which 1ms been worked out mainly in 
Japan by Kano, Nakozono, and Someya.^ 

The reader is therefore referred for details to Volumetric 
Analysis II, In the present volume the authors consider especially 

^ I. M. Kolthoff, Trans, by N. H. Furman, J. Wiley & Sons, Inc., 1929. 

• 1. M. Kolthoff, Volumetric Analysis II, p. 322 ff. 
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the points which are of direct interest for potentiometric titra¬ 
tions. 

Titrations with Potassium Permanganate ,—A 0.1 neutral 
solution of potassium permanganate, if free from manganese 
dioxide and protected from dust and other foreign matter, may 
be preserved for a long time without changing its strength. 
More dilute solutions must be standardized every time they are 
used. The standardization may be made with the usual pri¬ 
mary standards by the ordinary methods, or by potentiometric 
titration.^ 

According to F. Crotogino,^ the accurate measurement of the 
oxidation potentials of oxidants, which may furnish oxygen, 
is impossible. He used platinized electrodes, which Kolthoff 
also used in his earlier work on potentiometric titrations. Kolt- 
hojff afterwards found that ^bright platinum electrodes gave far 
more constant potential values. With the bright electrode, 
Kolthoff determined the permanganate potential at various 
values of pH, Buffer mixtures were used up to a pH of 2, then 
0.01 N, 0.12 N, and 2 N sulphuric acid was used. The results are 
plotted in the curve of Fig. 70. 

It may be seen that not all of the points lie on a straight 
line. It is possible, however, that the buffer mixtures from 
6 to 3 (Clark mixtures) react with the permanganate to some 
extent. A phosphate mixture was used at pH == 7. In this 
solution {jiH = 7) the potential was 0.530 volt against the normal 
calomel electrode; in 2 N sulphuric acid of pH == 0, it was 
1.193 volts (25°). Therefore, for one unit change in pH, there is 
a variation of 95 millivolts. According to the equation: 

0.059 jMn04i[Hi8 

the theoretical change is I X 0.059 = 94.4 millivolts per each 
unit change in pH, Hence, the agreement between the theoret¬ 
ical and experimental values is satisfactory. 

* Cy. I. M. Kolthoff, Volumetric Anal3r5is I and II (trans. by N. H. Furman). 

* F. Crotogino, Z. anorg, Chem., 24, 224 (1900). 
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From the potential of 0.01 N permanganate at [H+] ~ 1, 
we calculate that a 1 N solution at [H+] = 1 will have a poten¬ 
tial of 1.217 volts against the normal calomel electrode, or of 
1.503 volts against the normal hydrogen electrode. 



76543210 
Eq IB potential difference asrainst Normal Calomel electrode 

Fig. 70.—Potential of 0.01 N KMn 04 at various ^H. 


D. J. Brown and H. A. Liebhafski ° derived a value of 1.446 
volts for the normal potential of the system: 

Mn04- + 8H+ + Se^ Mn++ + 4 H 2 O, at 25°, 

and for the system: 

Mn02 + 4H+ + 2eiP± Mn++ + 2 H 2 O of 1.237 ± 0.002 volts. 

‘ D. J. Brown and J. A. LiebhafsW, J. Am. Chem. Soc., 62, 2595 (1930). 
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S. Popoff, J. A. Riddick and W. W. Becker ® claim, however, that 
it is impossible to measure the potentials of these systems 
accurately because of decompositions and polarization phenom¬ 
ena. It is the authors’ opinion that the approximate knowledge 
of the normal potential values will serve for analytical purposes. 

According to D. J. Brown and R. F. Tefft-^ the oxidation 
potential of the manganese dioxide-permanganate electrode is 
equal to 1.586 volts at 25°. Its change is represented by the 
equation: 

E = Go + log [Mn 04 -][H +]4 

Application of the Pinkhof System in Titrations with Per¬ 
manganate. —The Pinkhof system may be applied in oxidaj:ion- 
reduction reactions. According to R. Lang ® the following 
solutions with reference zero ”) electrodes are to be recom¬ 
mended in titrations with potassium permanganate: 

(a) General type in titrations with 0.1 N KMn04 in sulphuric 
acid medium: 1 drop (== 0.03 cc.) 0.1 N KMn04 in 50 cc. of 
1 N to 3 N hydrochloric acid. The concentration of the sul¬ 
phuric acid in the solution to be titrated may be ad libitum if 
larger than 0.5 N. 

(J) For titrations with 0.01 N KMn04 in sulphuric acid 
medium the following electrode liquid is recommended for the 
reference electrode: 1 drop of 0.01 N KMn04 in 50 cc. of 2 N 
sulphuric acid plus 1 to 2 g. NaCl. If the solution to be titrated 
is acid with hydrochloric acid, the reference electrode is dipped 
into a solution consisting of 50 cc. of about N HCl, 1 drop of 
0.01 N KMn04 and some manganous salt (about 50 mg. of 
Mn"). 

The titration is carried out according to the general Pinkhof 
procedure. 

Ferrous iron and arsenious oxide may be titrated in this 

• S. Popoff, J. A. Riddick, and W. W. Becker, J. Am. Chena. Soc., 52, 2624 (1930). 

»D. J. Brown and R. F. Tefft, J. Am. Chem. Soc., 48, 1128 (1926). 

» R. Ung, Z. Elektrochem., 82, 454 (1926). 
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way with great accuracy. The titration of vanadyl salt to 
vanadic acid also gives good results with 0.1 N solutions; with 
0.01 N liquids the method does not give good results. 

Titrations with KMn04. in Alkaline Medium. —^According to 
R. Lang {loc. cit.) the largest leaps in potential are obtained if 
the solution is relatively weakly alkaline. He recommends a 
medium of sodium carbonate. 

Permanganate is then reduced by arsenious oxide according 
to the equation: 

2Mn04“ + 3 As 03 ^ + HgO = 3 As04^ + 2Mn02 + 20H~. 

If one wishes to apply the Pinkhof system the best liquid in 
the reference electrode is a ferro-ferricyanide mixture. 

For titrations of arsenite solutions with 0.1 N permanganate 
up to an end volume of 10 liters, and in titrations with 0.01 N 
solutions up to an end volume of 1 liter, the reference electrode 
consists of 1 drop of 0.1 N K 3 Fe(CN )6 and 1 drop of 0.01 N 
EL 4 Fe(CN )6 in 50 cc. of N Na 2 C 03 . 

These concentrations need only be approximated. The 
accuracy of this kind of titration is, according to R, Lang, much 
higher than that of the ordinary method. The reference electrodes 
which have been described may be applied in all irreversible 
reactions, as in the titration of formic acid] also in deter¬ 
minations where the oxidation product has a lower oxidation 
potential than corresponds to the manganese superoxide elec¬ 
trode, as in the titration of selenous and telluroi^ acid, cerous or 
thallous salts. 

The titration of permanganate with arsenious oxide gives 
good results; the reaction follows the equation which we have 
given. The conditions may be varied widely, provided enough 
sodium carbonate is present. With sodium bicarbonate instead 
of carbonate a part of the manganese dioxide is reduced farther 
by the arsenite before all the permanganate ^s used up. 

Special Determinations: Titration of Iodide: 


Mn04-- + 8H+ + 51- Mn++ + 4 H 2 O + 2^12. 
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Partial reactions: 

Mn04~ + SJ1+ +5 e:f± Mn++ + 4 H 2 O; 

80 = 1.217 volt (against N.C.E.) ® 

51”“ ^ 2 ^X 2 + 5 © 

So = 0.346 (N.C.E.) 

The electrometric titration of iodides was first described by 
Crotogino {loc. cit.)^ who titrated in a solution which contained 
0.1 N sulphuric acid. W. S. Hendrixson showed that the 
method gave very accurate results, and this was confirmed by 
I. M. Kolthoff.^^ The accuracy is so great that pure potassium 
iodide may be recommended as a primary standard for estab¬ 
lishing the normality of potassium permanganate solutions. 
Kolthoff used pure potassium iodate for this purpose; the reduc¬ 
tion was performed with pure sulphurous acid, the excess of 
which was boiled off. Crotogino {loc, ciL) did not obtain accu¬ 
rate results. As Kolthoff {loc. ciL^ 1921) showed, the acidity of 
his solutions was too small. The liquid must contain enough 
sulphuric acid to make it 0.15 N; it is better to titrate in solu¬ 
tions that are 0,2-0.5 N with respect to acid. At very low 
acid concentration, the jump in potential appears too late. 

The potential is soon constant during the titrations. Motor 
stirring is unnecessary. Stirring with a current of air or carbon 
dioxide is satisfactory. The potential assumes a constant 
value more slowly just at the equivalence-point; about one 
minute must elapse before a steady value is found. After all 
of the iodine has been liberated, the excess of permanganate 
oxidizes it slowly to iodate. Hence, after addition of reagent 
the potential is strongly positive, but falls again because of 
the oxidation of the iodine. As the jump in potential at the 
equivalence-point is so large, a small error in the determination 
of the potential has no influence at all on the result. Even very 
dilute iodide solutions may be accurately analyzed by means 

* Hereafter the authors will use N.C.E. as abbreviation for normal calomel 
electrode. 

W. S. Hendrixson, J. Am. Chem. Soc., 48, 14 (1921). 

I. M. Kolthoff, Rec. trav. chim., 40, 532 (1921). 
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of the permanganate titration. E. Muller and H. Hollering 
titrate to an inflection-potential of +0.64 volt (against N.C.E.). 
The solution contained 0.8 N sulphuric acid. (Cf. also Hahn and 
Weiler (below).) According to their results, 1 per cent too much 
permanganate is used if one waits until the potential is constant. 
This conclusion is not warranted, as Hendrixson and Kolthoff 
{loc, cit.) showed. On the contrary, the iodide titration of per¬ 
manganate is one of the most accurate that we have. 

In the presence of increasing amounts of bromide the voltage 
rise at the end-point becomes progressively less abrupt. When 
the amount of bromide exceeds that of iodide by 25 per cent 
the results are high (Hendrixson). Kolthoff was able to titrate 
iodide in the presence of double the amount of bromide with an 
accuracy of 0.5 per cent. With more bromide the end-point 
becomes uncertain. 

F. L. Hahn and G. Weiler improved the method for iodide in 
the presence of bromide and chloride by the addition of carbon 
tetrachloride. In the presence of the latter, the free iodine 
is shaken out, and the oxidation potential in the neighborhood 
of the equivalence-point is therefore much lower than in the 
absence of the organic liquid, and consequently the jump in 
potential is much more abrupt. By the addition of carbon 
tetrachloride, Hahn and Weiler were able to titrate 1 mole of 
iodide in the presence of 20 moles of bromide and 500 moles of 
chloride. In the absence of the CCU and the other halides the 
inflection-potential (against N.C.E.) is 0.56 volt when the solu¬ 
tion is 0.8-1.0 N in sulphuric acid at the end-point; in the pres¬ 
ence of CCI4 it is 0.52 volt. If the solution also contains bromide, 
the latter potential changes slightly. 

I~:Br- = 1:2.5; inflection-potential, 0.52 v. (vs. N.C.E.) 

1“ : Br~ = 1 : 5 ; inflection-potential, 0.50 v. (vs. N.C.E.) 

I~ : Br“ = 1 : 10 ; inflection-potential, 0.47 v. (vs. N.C.E.) 

I~ : Br"" « 1 : 20 ; inflection-potential, 0.45 v. (vs. N.C.E.) 

1“ : Br“ I : 50 ; inflection-potential, 0.44 v. (vs. N.C.E.) 

**E. Muller and H. Mollering, Z. anorg. Chem., 141, 111 (1924). 

”F. L. Hahn and G. Weiler, Z, analyt. Chem., 69, 417 (1926); F. L. Hahn, 
Z. angew. Chem., 69, 666 (1925). See also F* L. Hahn, Z. anoig, allgem. Chem., 
196, 75 (1931). 
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Chloride interferes much less with the result of the titration, 
although the potential curve at the end-point becomes less steep. 
With a ratio I~ : Cl“ of 1 : 20 accurate results are still obtained 
without addition of carbon tetrachloride. In the presence of 
hydrochloric acid an excess of permanganate reacts with iodine 
according to the equation (Muller and Mollering): 

Mn04“ + 8H+ + 51 + SCI" Mn++ + 5IC1 + 4 H 2 O. 

The break in potential in the titration of iodide solutions is 
much greater when cyanide is also present. R. Lang pub¬ 
lished a number of papers in which he recommended a new 
method of iodometry applicable in the presence of a relatively 
dilute acid. In titrating iodide in the presence of HCN the end¬ 
point is not obtained when all of the iodine is liberated, but 
at the point where all of the iodine is transformed into ICN. 
The following equation represents the reaction: 

2 Mn 04 ' + 11 H+ -f 51" -f 5HCN;=± 2 Mn++ + 5ICN + 8 H 2 O 
with the partial reactions: 

2 Mn 04 “ + 16H+ + 10 © 2 Mn++ + 8 H 2 O, 

51" -f 5HCN ^ 5ICN + 5H+ -f 10 0 . 

Hence twice as much reagent is used at the end-point as in 
the absence of HCN. The oxidation of the iodide is very rapid 
and the titration can be finished in five minutes. H. H. Willard 
and F. Fenwick applied their bimetallic system to the deter¬ 
mination of the end-point of this reaction. From their results 
it may be concluded that the selective oxidation of iodide in 
hydrocyanic acid solution to iodine cyanide i^ possible in all 
concentrations of chloride and in moderate concentrations of 
bromide. The magnitude of the latter is a function of the ratio 
of bromide to iodide concentration and of the absolute concentra¬ 
tions of each. In cases where these factors are unknown, the 
authors propose the titration of duplicate samples in dilutions 
which differ by at least 100 per cent. If the consumption of 

»^R, Lang, Z. anorg. Chem., 122, 332 (1922); 142, 229, 279 (1924); 144, 75 
(1925). 

« H. H. WiUard and F. Fenwick, J. Am. Chem. Soc., 45, 623 (1923). 
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oxidizing agent is the same in both cases, the results maybe 
regarded as trustworthy. In the authors^ opinion the applica¬ 
tion of the ordinary potentiometer system is advantageous 
here. 

Since the iodide titration with permanganate gives such 
accurate results, W. S. Hendrixson^® has applied it to the deter¬ 
mination of other substances. lodate is determined by adding 
an excess of iodide to its acid solution and titrating back with 
permanganate. (The direct titration of iodate with iodide also 
gives good results; vide infra.) Silver is precipitated by an excess 
of iodide and the amount of the latter is determined with per¬ 
manganate. The titration may be made in the presence of the 
precipitate because of its extremely slight solubility. Metallic 
silver is dissolved in a small excess of nitric acid; most of the 
excess is evaporated off. Since the titration gives very accurate 
results Hendrixson recommends pure silver as a primary standard 
in determining the normality of iodide or of potassium perman¬ 
ganate. 

In a later paper W. S. Hendrixson applied the iodide titra¬ 
tion to the determination of bromale, nitrite^ and chloride. An 
excess of iodide solution is added to the bromate solution, which 
is 2 N with respect to sulphuric acid, and the excess of iodide is 
determined with permanganate. For the determination of 
nitrite, permanganate solution is nm into the titration vessel, 
diluted, and enough 10 N sulphuric acid is added to make the 
final solution 1.5 N with respect to acid. The stirrer is started 
and the nitrite solution is added slowly in an amoimt which 
leaves 5 to 10 per cent of the permanganate unchanged. After 
about five minutes an excess of iodide is added and the titra¬ 
tion is completed with permanganate. 

In the titration of chloride an excess of silver nitrate is added 
to the solution; the silver chloride is filtered off and the excess 
of silver in the filtrate is determined as described above. This 
method for the determination of chloride is of little practical 
importance. 

W. S. Hendrixson, J. Am. Chem. Soc,, 48, 858 (1921). 

W. S. Hendrixson, J. Am. Chem. Soc., 43, 1309 (1921). 
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Bromide—TS.. H. Willard and F. Fenwick {loc. cit.) applied 
the direct titration of bromide in the presence of hydrocyanic 
acid: 

2 Mn 04 - + 11 H+ + SBr- + 5HCN ^ 

2 Mn++ + SBrCN + 8 H 2 O. 

With partial reactions: 

2 Mn 04 “ + 16H+ + 10 © ^ 2Mn++ + 8 H 2 O, 

and 

5Br~ + 5PICN SBrCN + SH+ + 10 0. 

The bimetallic system did not give a satisfactory end-point. 
The usual potentiometric system with a standard half-cell gave 
a distinct maximum. The break was not found to be ideal, but 
offers distinct possibilities, particularly in a case such as this 
where there is no other method available. After each addition 
of reagent there is a slight drag before equilibrium is reached.” 
Ignition of the electrode before each titration was found to aid 
in keeping the end-point rise abrupt. 

To 10 cc. of 0.1 N bromide are added 5 cc. 10 per cent potas¬ 
sium cyanide solution, 10 cc. sulphuric acid (sp. gr. 1.84) and 
water to bring volume to 100 cc. An arbitrary correction of 
— 0.10 cc. 0.1 N reagent is appKed to the value found at the 
AE 

maximum of —. Even in the presence of large amounts of 
Ac 

hydrochloric acid the error in the titration never amounted 
to more than 0.42 mg. of bromide. “ A sub-maximum often 

precedes the end-point maximum in the — ^ c curve and the 

Ac 

intervening sub-maximum lies extremely close to the theoretical 
end-point.” This sub-maximum, however, does not always 
occur. In the presence of iodide the latter is first oxidized 
to iodine cyanide, whereupon a sharp break in potential occurs. 
Further addition of permanganate oxidizes the bromide. If 
the ratio 1*“: Br“ is 1 :1, good results are obtained. If it 
is less favorable too much reagent is used for the oxidation 
of the iodide. In this case Willard and Fenwick oxidize the 
iodide to iodate with sodium hypobromite. (Cf. p. 347.) 
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Nitrite, with Permanganate .—The titration is performed in 
the same way as the conventional Lunge titration. According to 
’J. A. Atanasiu a sharp break occurs at the equivalence-point. 
The best results are obtained at 45°. 

Sulphurous Acid. —W. S, Hendrixson and L. M. Verbeck 
added sulphuric acid to the solution to be titrated (final acid 
concentration 1 N) and an excess of permanganate. This excess 
is destroyed by a small excess of iodide, which is determined with 
permanganate. The method does not yield accurate results as 
the oxidation of the sulphurous acid to sulphate is not quantita¬ 
tive. I. M. Kolthoff 20 confirmed this statement, but found that 
the oxidation of sulphite to sulphate by pennanganate was 
complete in alkaline medium. An excess of permanganate is 
added to the alkaline sulphite solution. Sufficient sulphuric 
acid is then added and the titration is completed according to 
Hendrixson. 

Oxalate .—Carlos del Fresno 21 applied the potentiometric 
method to the titration of oxalate with permanganate As 
might be expected, the method gives accurate results at 70°. It 
has no advantage over the ordinary titration. 

According to H. Walde and K. A. Schuch,^^ the inflection- 
potential is 0.796 volt against the normal calomel electrode. 

Ferrocyanide: 

Mn04’' + 8H^ + 5Feoc- 4=± Mn++ + 4 H 2 O + 5Feic®. 
Partial reactions: 

Mn04” + 8H+ + 5 e Mn++ + 4 H 2 O; 

(80 - 1.217, N.C.E.) 

SFeoc^ ^ SFeic® + 5 ©; 

80 depends upon [H"*"]. 

** J. A. Atanasiu, Bull. Soc. Komana Stiinte, 80, 69 (1928); CheA. Abs., 22, 
2901 (1928). 

W. S. Hendrixson and L. M. Verbeck, Ind. Eng. Chem., 14, 1152 (1922). 
Cf. also W, S. Hendrixson, J. Am. Chem. Soc., 47, 1319 (1925). 

201 . M. Kolthoff, Pharm. Weekblad, 6J, 841 (1924). 

2 ^ Carlos del Fresno, Z. Elektrochem., 81, 199 (1925). Cf. also S. Popoff and 
J. Whitman, J. Am. Chem. Soc., 47, 2259 (1925). 

2*H. Walde and K. A. Schuch, Wiss. Verdffentlich Siemens-Konzern, 4, 188 
(1925);. Chem. Abs., 80,3145 (1926). 
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The potentiometric titration of ferrocyanide gives such accu¬ 
rate results that Kolthoff (1924) has applied it to the standardiza¬ 
tion of permanganate. G. L. Kelley and R. T. Bohn^^ first 
used this potentiometric titration. They employed a platinized 
electrode, while Kolthoff prefers a bright electrode. The jump 
in potential at the end-point is very large; the more acid there is 
present, the larger the break at the equivalence-point. There 
is another reason for carrying out the titration in strongly acid 
solution. One of the products of the reaction is manganous 
salt, which may form a precipitate of K 2 MnFeoc. The precipi¬ 
tate coats the electrode and interferes seriously with the titration. 
Therefore, according to I. M. Kolthoff the sulphuric acid 
content of the solution should be rather high in order to prevent 
this precipitation, and the ferrocyanide concentration should be 
just less than 0.05 N. Kolthoff adds enough sulphuric acid 
to make its normality about 1.5. Under these conditions the 
titration may be performed very rapidly and the accuracy is as 
high as 0.1 per cent. The operations must be carried out at 
room temperature to prevent the decomposition of the ferrocy¬ 
anide to hydrocyanic acid. 

Erich Muller and H. Lauterbach have confirmed Kolthoff’s 
results; they titrate to an inflection-potential of 0.66 volt 
(against N.C.E.) and perform the titration in very dilute 
solution. 

According to Kelley and Bohn, large quantities of hydro¬ 
chloric acid interfere. Kolthoff, using a bright electrode, did 
not confirm this finding, although he noticed that the break in 
potential at the end-point is less sharp. Reaction between the 
permanganate and hydrochloric acid occurs when an excess of 
permanganate is present. The addition of hydrochloric instead 
of sulphuric acid is advantageous because the former add pre¬ 
vents the precipitation of the interfering manganous salt much 
more completely than does sulphuric acid. The precipitation 
of the manganous salt is prevented by having the concentra* 

** G. L. Kelley and R. T. Bohn, J. Am. Chem. Soc., 41, 1776 (1919). 

I. M. Kolthoff, Rec. trav. chim., 41,343 (1922). 

••Erich Muller and H, Lauterbach, Z. analyt. Chem., 61, 398 (1922). 
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tion 0.8 N with respect to hydrochloric acid when the normality 
of ferrocyanide is 0.025. The hydrochloric acid has an inter¬ 
fering action in very dilute ferrocyanide solutions (0.002 N). 

The ferrocyanide titration with permanganate may be 
applied in the determination of zinc (Kolthoff and Verzijl cf, 
p. 324). Fifty cubic centimeters of water added to 10 cc. 
of 0.1 N zinc solution, and 50 cc. 0.1 N (= 1 /40 molar) potassium 
ferrocyanide, and then 25 cc. 4 N sulphuric acid. The excess 
of ferrocyanide is determined with permanganate, without first 
removing the precipitate. The potential break is very sharp 
because of the extreme insolubility of the zinc-potassium ferro¬ 
cyanide, and it occurs exactly at the equivalence-point. If the 
excess of ferrocyanide is determined according to the ordinary 
titration method the color change at the end-point is rather 
vague.^^ 

Tilration of Ferrous Iron : 

Mn04~ + 5Fe++ + 8H+?:± Mn++ 4 H 2 O + 5Fe+++ 
Partial reactions: 

Mn04~ + 8H+ -f- 5 e Mn++ -f 4 H 2 O; 

€0 = 1.217 volt (N.C.E.) 

5Fe++?:±5Fe-+-++ + 5 ©; 

80 = 0.466 volt (N.C.E.) 

Kelley, Adams and Wiley studied this titration in connec¬ 
tion with the potentiometric determination of chromium in steel. 
Kolthoff did not obtain very accurate results when the elec¬ 
trodes were platinized (error -f- 0.4 per cent); with bright plati¬ 
num gauze the titration is highly accurate and Mohr’s salt may 
be used as a standard for the determination of the oxidizing power 
of the permanganate (Kolthoff, 1924). There is a sharp break 
in potential at the end-point; the potential rapidly assumes 

“E. J, A. Verzijl, De Potentiometrische Zinktitratie, Diss. Utrecht (1923). 

^ For the potentiometric titration of cuprous copper with potassium permanga¬ 
nate, c/. F. Fenwick, J. Am. Chem. Soc., 48, 860 (1926). 

“Kelley, Adams and Wiley, J. Ind. Eng. Chem., 9, 780 (1917). 

“I. M. Kolthoflf, Chem. Weekblad, 16, 450 (1919). 
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a constant value after additions of reagent. According to E. 
Muller and H. Mollering^® the break occurs just before the pink 
color of the permanganate is visible; the results are accurate. 
They found the inflection-potential at 0.65 (against N.C.E.), 
in 0.4 N sulphuric acid. This inflection-potential of course 
varies with the acid concentration of the solution. The reverse 
determination of permanganate with ferrous sulphate is not 
practicable, as manganese dioxide is formed during the titration 
and reacts slowly with ferrous ion. Hence the titration must 
be made quickly. Inflection-potential, -f0.76 Volt. 

Muller and Mollering {loc. cit.) found an inflection-potential 
of +0.67 volt (in 0.4 N HCl) in the titration of ferrous salt in 
the presence of hydrochloric acid. They found the titration to 
be as accurate in this medium as in sulphuric acid solution. The 
authors can not confirm this result; because of chlorine forma¬ 
tion, the break occurs too late. Addition of manganous salt 
improves the result. 

Uranium .—For the application of liquid amalgams (Jap¬ 
anese method) to the reduction of uranium, molybdenum, tung¬ 
sten, vanadium, iron, and titanium, cj. Volumetric Analysis 
II, p. 322ff.; also N. Kano, Sci. Reports, Tohoku Imp. Univ., 
Series I, 16, 718 (1927). 

2Mn04~ + 5U++++ + 2H^O ^ 2Mn++ + 5 UO 2 ++ + 4H+ 
With the partial reactions: 

2 Mn 04 ““ + 16H+ + 10 0 ^ 2 Mn++ + 8 H 2 O; 

80 = 1.217 volt (against N.C.E.) 

5U++++ + IOH 2 O ?=± 5 UO 2 ++ + 20H+ + 100; 

Co = 0.100 volt (against N.C.E.) 


As may be seen from the equations, the reduction potential of 
an uranous solution is also dependent upon the hydrogen-ion 
concentration: 

U++++ + 2 H 2 O UO 2 ++ + 4H+ + 2 0 , 


E = 80 + 


0.059, [U02++][Hi4 


log 




*®E. Muller and H. MUllering, Z. ano^g. allgem. Chem., 141, HI (1924). 
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Luther and Michie^^ found the following values for the 
potential of an uranous-uranyl solution at different hydrogen- 
ion concentrations: 



(UO,-"+] 

= lO-* 


fuo, M 

10’^ 

[H+] 

0.0611 

0.278 

0.538 

0.0611 0.278 

0.538 

E 

0.194 

0.271 

0.304 

0.368 0.445 

1 

0.478 


Titration, —D. T. Ewing and E. F. Eldredge^^ mix 10 cc. of 
uranium solution with 40 cc. of approx. 2 per cent sulphuric acid 
and warm to 80-90°. The air is removed with carbon dioxide. 
The solution is slowly passed through a Jones reductor v/hich 
is finally rinsed with 50 cc. of 2 per cent sulphuric acid. The 
reduced solution is brownish because of the presence of trivalent 
uranium. There are two jumps in potential in the titration with 
potassium permanganate: the first when is oxidized to 

(the solution then becomes greenish), and the second when 
all is oxidized to U02’^"^. From the amount of reagent used 
between the first and second breaks > 1702'^“^) the uranium 
content may be calculated. Ewing and Eldredge found no 
sharp break at the end of the oxidation of when the solution 
contained more than 2 per cent of sulphuric acid. The titra¬ 
tion most be carried out in an atmosphere of carbon dioxide. 

R. G. Gustavson and C. M. Knudson were unable to con¬ 
firm the results of Ewing and Eldredge. After reduction they 
found all of the uranium in the quadrivalent form; according to 
their findings the titration is accurate in strongly acid solution 
(30 per cent sulphuric acid). 

E. Muller and A. Flath^^ failed to find trivalent uranium 
after reduction with zinc, thus confirming the results of Gus¬ 
tavson and Knudson. The authors would suggest that the 

Luther and Michie, Z. Elektrochem., 24, 826 (1908); Evans, J. Am. Chem. 
Soc., 81, 371 (1909); McCoy and Bunzel, ibid., 81, 367 (1909). 

•*D. T. Ewing and E. F, Eldredge, J. Am. Chem. Soc., 44, 1484 (1922). 

R, G. Gustavson and C, M. Knudson, J. Am. Chem. Soc., 44, 2756 (1922). 

** £. MOller and A. Flath, Z. Elektrochem., 29, 500 (1923). 
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degree of acidity during the reduction will have an influence upon 
the intensity of the reduction. A further point of difference was 
that Gustavson and Knudson did not titrate in a carbon dioxide 
atmosphere. 

W. D. Treadwell performed the reduction by slowly 
pouring the solution through a cadmium reductor, and collecting 
it in a vessel from which the air had not been removed. Ji the 
air is removed with carbon dioxide too much reagent is used. 
Hence Treadwell makes use of the statement of McCoy and 
Bunzel (loc, cit) that trivalent uranium is readily oxidized in 
air to the quadrivalent form. The final titration of to 
with permanganate is made in a stream of carbon dioxide. 
Treadwell recommends that the solution be warm when titrated 
as more regular results are obtained than in the cold. This has 
been confirmed by Muller and Flath {loc. cU.) 

Uranium and Iron. —Ewing and Eldredge {loc. cit) titrated 
the reduced solution with permanganate (or dichromate). 
There is a jump in potential after the oxidation of to 1102'^’^; 
the iron is then oxidized, after which a second jump occurs. 
Gustavson and Knudson {loc. cit.) and Muller and Flath (Joe. 
cit.) found that the results were accurate, if the acidity was kept 
low after the reduction. Optimum concentration: S cc. cone, 
sulphuric acid per 250 cc. of solution. 

Vanadium. —^According to Gustavson and Knudson {loc. cit.) 
vanadic acid is reduced by zinc in sulphuric acid solution to a 
salt of the oxide V 2 O 2 . In the permanganate titration this is 
first oxidized to V2O3, then to V2O4, and finally to V2O6. We 
therefore find three potential breaks in the titration of the reduced 
solution, corresponding to the formation of these three different 
oxidation products. A high acidity was found to favor sharp 
inflections at the different end-points. Whereas E. Miiller and 
A. Flath {loc. cit.) noticed sharper maxima when the titration 
was made at 80®. According to Treadwell {loc. cit.) the reduc¬ 
tion to V“ may be accomplished by the cadmium reductor. 

Vanadium and Iron. —^In the presence of iron three breaks in 

« W, D. TreadweU, Helv, Chim. Acta, 6, 732, 806 (1922); q{. also ibid., 2, 696 
(1919). 
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potential again occur; the volume of permanganate represented 
by the distance between the first and second inflections includes 
both the quantity used to oxidize the iron and that which is 
necessary to oxidize vanadium from the trivalent to the quadri¬ 
valent condition. If the amount of permanganate used for the 
oxidation of to —^which is equivalent to the difference 
between the second and third inflections—is subtracted from the 
amount used between the first and second inflections, we have 
the volume used for the oxidation of the iron. The titration 
must be carried out in an inert atmosphere. 

Muller and Flath {loc, ciL) did not confirm the results of 
Gustavson and Knudson in all particulars. When iron is present 
the end of the oxidation Fe“ to Fe”* is indicated very sharply in 
the potential curve, but not that of V'” to When titrating 
at 80® the break after the latter oxidation is very sharp^ but that 
after the complete oxidation of iron is very vague. Muller and 
Flath recommend that the solution be at 80® until the second 
jump in potential is reached; the liquid is then cooled and the 
iron is oxidized at room temperature. 

Vanadium and Uranium, —Gustavson and Knudson found 
in this instance, as in the case of iron and vanadium, that the 
volume between the first two inflections includes all of the 
uranium and one of the vanadium oxides. Therefore upon sub¬ 
tracting the volume used between the last two inflections, we 
have the amount of permanganate used in the titration of ura¬ 
nium. Muller and Flath only found good results when the titra¬ 
tion was made at 80®. 

Vanadium, Uranium, and Iron, —The degree of acidity is of 
great importance in this case. Gustavson and Knudson add 
4 cc. of cone, sulphuric acid to 250 cc. of the solution; after the 
second inflection has been found an additional 4 cc. of the acid 
is added and the titration continued. The volume of reagent 
required between the third and final inflections represents one 
step in the oxidation of vanadium; that between the second and 
third inflection represents iron; whereas the volume between the 
first and second inflections is the sum of the permanganate neces¬ 
sary to oxidize all of the uranium and that required for the oxida- 
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tion of the vanadium from the trivalent to the quadrivalent 
condition. Since the amoimt of permanganate necessary to 
oxidize vanadium trioxide to the tetroxide is the same as that 
required for the oxidation of the tetroxide to the pentoxide, we 
can find the volume of reagent corresponding to the uranium by 
subtracting the volume representing the latter oxidation from 
the voltune used between the first and second inflections. It is 
thus possible to calculate the quantities of vanadium, uranium, 
and iron from the data of a single titration. Miiller and Flath 
again recommend titration at 80® until the second sharp rise in 
potential, then at room temperature until the iron is oxidized, 
and finally at 80° until the last inflection is found. 

When the solution contains vanadivun in the presence of a 
very large amoimt of iron, it is best to reduce the vanadic add 
to the vanadyl condition with ferrous sulphate.^® The latter 
can be oxidized to vanadic add by permanganate; best results 
are obtained at 70-80°. An accurate vanadium determina¬ 
tion is possible, even when chromic salts are present.®^ Muller 
and Just add 50 g. of sulphuric acid per liter of solution and 
titrate at 70° until an inflection-potential of 0.91 volt (against 
N.C.E.) is reached. 

Niobium .—The hydrochloric acid solution of the metal is 
poured through the cadmium reductor five times. According 
to Treadwell®* the niobium is then in the trivalent state and 
may be oxidized with permangimate or with ferric chloride. 

Molybdic Acid in hydrochloric acid solution is reduced by 
lead and may then be titrated with permanganate after the 
addition of manganous salt. According, to Treadwell accurate 
results are obtained when air is excluded. 

Erich Muller and collaborators®® reduce the solution with 
zinc amalgam (Jones reductor) in the absence of air, and titrate 
with permanganate (inflection-potential, 0.75 volt). There are 

G. L. Kelley and J. B. Conant, J. Am. Chem. Soc., 88, 341 (1916); H. H. 
Willard and F. Fenwick, J. Am. Chem. Soc., 45, 84 (1923). 

E. Muller and H. Just, Z. anorg. Chem., 126, 155 (1922). I. M. Kolthoff 
and O. Tomicek, Rec. trav. chim., 48, 447 (1924). 

« W. D. Treadwell, Helv. Chim. Acta, 6, 732,806 (1922). 

•• E. Muller, P. Brun, and G. Unger, Z. Elektrochem., 88, 182 (1927). 
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no distinct jumps in potential at the end of the oxidation 
Mo”* Mo*^ or Mo**" Mo^. The reduction of the molybdate 
solution is carried out according to Rcissaus in the presence 
of sulphuric acid at a temperature of 60-70®. During the titra¬ 
tion with permanganate, air must be kept from the solution. 
Therefore Muller prefers to run the reduced solution directly 
into an excess of permanganate and to titrate back with ferrous 
sulphate (c/. Muller and Mollering.)^i 

Stannic solutions are also reduced by lead, and the stannous 
tin may be oxidized with permanganate (Treadwell). 

Titanic solutions are reduced to the titanous state in the cad¬ 
mium reductor (Treadwell). The reduced solution may be 
titrated with permanganate or bichromate. In the presence 
of iron two inflections are observed; the first corresponding to the 
completion of the oxidation, Ti*“ —> Ti*^, and the second to 
Fe“ Fe“*. (C/. p. 358 on the standardization of titanous 

solutions.) Treadwell used a platinized electrode upon finding 
that smooth electrodes did not give reproducible values. Kolt- 
hoff could not confirm this, and prefers bright platinum electrodes 
because the platinized ones catalyze the oxidation of the titanous 
solution. 

Indigo j ThioindigO, and Methylene Blue are reduced by the 
cadmium reductor (W. D. Treadwell) and may afterwards be 
titrated with permanganate, ferric chloride, or other oxidants. 
Care should be taken to exclude air. 

Manganous Salts may be titrated potentiometrically accord¬ 
ing to the Volhard-Wolff method. E. Muller and O. Wahle^^ 
have published several papers which deal with the application of 
this method. The reaction is represented by the equation: 

2 Mn 04 - + 3Mn++ + 2 H 2 O 4=± 5Mn02 + 4H+: 

The results are good only when the permanganate is added to the 
warm (80®-90®) solution, which must contain a sufficient amount 

Reissaus, Metall und Erz, 21 (New Series, XII) (1924). 

Miiller and Mdlleiing, Z. anoig. allgem. Chem., 141, 111 (1924); also p. 266 
of this book. 

« E. Miiller and O, Wahle, Z. anoig. allgem. Chem., 129 , 33,278 (1923); 180 , 63 
(1923); 182 , 260(1923). 



272 


OXIDATION-REDUCTION REACTIONS 


of zinc sulphate, potassium nitrate, or other electrolyte. The 
results are in agreement with the usual Volhard method. 

A greater break is obtained when the titration is carried out 
in the presence of hydrofluoric acid. In this case the course of 
the reaction is: 

Mn04““ + 4Mn++ + 8H+ ^ 5Mn+++ + 4 H 2 O. 

Ten cc. of 4 N sulphuric acid are added to 100 cc. of the solution, 
which must contain 8 g. of potassium fluoride. The titration is 
made with the solution at 80° (platinum dish). The stirrer is of 
hard rubber and the end of the salt bridge. Which dips into the 
solution, is a hard rubber tube. 

For the determination of manganese in presence of iron it is 
best to oxidize the iron with bichromate. If the oxidation is 
made with permanganate an excess of manganous ions is brought 
into the solution, for which a correction must later be applied. 
Hence Miiller and Wahle {loc. cit.) titrate the iron with potassium 
bichromate in acid solution until an inflection-potential of 
+0.575 volt (against N.C.E.) is reached. The solution, which 
does not contain an excess of bichromate, is run into a platinum 
dish and treated with fluoride. The manganese is then titrated 
as described above. 

B. F. Brann and M. H. Clapp described a simple device, for 
the titration of manganese by the Volhard method, which gives 
the “dead-stop"’ type of end-point.^^ The titration is made 
in a 400-cc. beaker, a short piece of platinum wire being 
used as the cathode and a piece of silver wire as the anode. The 
electrodes are connected directly to a galvanometer (pointer type 
of instrument, sensitivity one scale division per microampere 
and a resigtance of 250 ohms). The beaker is heated during the 
titration and the liquid is stirred energetically. 

In order to keep the silver electrode depolarized, 2 or 3 drops of 
6 N hydrochloric acid are added. The cathode will become 

B. F. Brann and M. H. Clapp, J. Am. Chem. Soc., 61, 39 (1929). 

** C/. Dead-stop'^ end-point, p. 122. Foulk and Bawden, J. Am. Chem. Soc., 
48, 2045 (1926). Brann and Clapp employed a galvanometric titration method 
analogous to that of Furman and Wilson, ibid.y 60, 277 (1928), and requiring no 
outside polarizing current. 
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polarized as soon as a slight excess of permanganate has,been 
added to the solution. The solution that is to be titrated is 
neutralized to methyl orange, 5 g. of zinc sulphate are added, and 
water to make the volume 300 cc.; the solution is heated to 90° 
and titrated with 0.1 N permanganate. As the latter is added, 
the galvanometer needle fluctuates violently, owing to tem¬ 
porary polarization; no permanent deflection is obtained, and 
if the addition of permanganate is stopped for a short time the 
needle returns slowly to zero. As the end-point is approached, 
the needle returns more and more slowly toward zero, and at the 
end-point a full-scale deflection is obtained, which remains 
unchanged for a considerable time. Th& last few drops of per¬ 
manganate should be added slowly, waiting after each drop until 
the galvanometer needle begins to return toward the zero point. 
The final drop produces a full-scale deflection which persists for 
a considerable time, the exact time depending upon the sensi¬ 
tiveness of the galvanometer and the surface area of the cathode. 

It seems necessary to clean the electrodes frequently, pos¬ 
sibly after each titration. The adhering zinc manganitc may 
be removed easily by dipping the electrodes in acidified hydrogen 
peroxide solution, and the film of silver chloride can be dissolved 
from the anode with ammonia. 

Bimetallic Electrodes .—A new type of bimetallic electrode 
system for the determination of manganese has been proposed by 
K. Saiidved and J. Backer.^'’ They use two electrodes of widely 
different surface area, namely, a 200 cc. platinum dish and a 
short 0.4 mm. platinum rod dipping into the solution. 

In their experiments, 25 cc. of solution containing 1.2560 g. 
of manganese per liter were diluted with water 25-50 cc. of 5 N 
H2SO4 and 8 g. of potassium fluoride (KF • 2H2O) added and 
titrated with 0.1 N permanganate at 80°, the final volume being 
130-150 cc. The initial potential difference is about 0.5 volt, 
increasing during the titration to 0.7 v., and after the equiva¬ 
lence-point is reached, falling rapidly to zero. When more than 
40 cc. of 5N H2SO4 was used the end-point was not easy to find. 

Sandved and J. Backer, Tids. Kemi. Bei;gv., &, 224 (1925); Chem. Abs., 
20 , 348 (1926). 
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The oxidizing action of bichromate may be represented by 
the equation: 


Cr207“ - 1 - 14 H*^ "}" 6 © 2 Cr'^’^“^ + 7H2O, 


and the potential relations by: 

17 ,0.059 

E = So H-— log 


[Cr+++f ’ 


When we keep the ratio [Cr207“] : [Cr+++]2 constant, the elec¬ 
trode should change 14 = 0.135 volt for each variation of 

6 

ImpH. 

The actual behavior of the bichromate electrode differs from 
that which we should expect from theoretical considerations. 
This conclusion follows from the experiments of Luther ^ and of 
Kolthoff.2 By way of illustration, some of the values which 
Luther ^ found are given in the following table. He diluted his 


Measurements of Luther 


Electrolyte Added 

Approximate 
Value of pH 

E.M.F. against 
AgCl 
Electrode 

A in E.M.F. 

per unit 
change in pH 

-flvol. 2 NHCl. 

0 

1.56 

■pm 

+ lvol. 0.2 NHCl. 

1 

1.32 


■f 1 vol, 0.02 N HCl. 

2 

1.18 


-j-l vol. acetate mixture. 

3 

1.13 

BSH 

-f-l vol. acetate mixture. 

4 

1.08 


+ 1 vol. acetate mixture. 

5 

1.02 


4*1 vol. acetate mixture. 

6 

0.93 






* R. Luther, Z. physik. Chem., 80, 653 (1899). 

* I. M. Kolthoff, Chem. Weekblad, 16 , 450 (1919). 
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standard mixture, which consisted of 0.2 N potassium chromate 
and 0.1 N chromic sulphate, with ^^e volume of the electrolyte. 
The measurements were made against the 0.1 N silver-silver 
chloride electrode. 

Luther remarks that the measurement is attended with many 
difiiculties, as Kolthoff also found. The latter found that it 
makes a considerable difference whether the solution is acidified 
with sulphuric or hydrochloric acid, which can be explained 
mainly by the fact that the activity of the hydrogen ions in hydro¬ 
chloric acid is much greater than in a corresponding concentra¬ 
tion of sulphuric acid. Some of his recent measurements 
(unpublished) are given in the following table. The potassium 
bichromate was 0.01 N (1/300 molar), and the solutions were 
of different ^H. The electrode was a bright platinum gauze. 
Measurements were at 25® against N.C.E. 


Mkasttrements of Kolthoff 


Concentration of Added Electrolyte 

Approximate />H 

K.M.F. Against 
N.C.E. at 25®C. 


4.5 


Biphthalate — Hydrochloric Acid Buffer... 

3 


0,011 N sulphuric acid. 

2 


0.125 N sulphuric acid. 

1 


2 N sulphuric acid. 

0 


0.01 N hydrochloric acid. 

2 

0.580 

0,1 N hydrochloric acid. 

1 

0.600 

1 N hydrochloric acid.. 

0 


1 N hydrochloric acid, CrCls. 

0 

■■ 


From these tables we see, that there is no regular relation 
between pK and the oxidation potential of bichromate. More¬ 
over, the effect of trivalent chromium is very peculiar. The 
reduction of bichromate (Cr^) does not take place directly to 
the trivalent form, but probably first to the quinquivalent form 
(Cr^). This reaction is reversible. The Cr^, however, is not 
stable and is readily reduced to the trivalent state. Sometimes 
the potential increases with increasing amount of chromic ion, 
instead of the electrode becoming less noble as we should expect. 
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This may be an explanation of the peculiar shape of the titration 
curve of bichromate and ferrous iron ^ As the behavior of the 
bichromate electrode has not yet been explained from a theo¬ 
retical point of view, it is not possible to make exact calculations 
of the value of the equivalence-potential when bichromate is the 
oxidant. It is, however, a very suitable reagent in the titration 
of various reductants as it is a strong and rapidly acting oxidant. 
In most cases, the reduced form of metals, etc., which may be 
titrated with permanganate (cf. Chapter IX), e.g., ferrous iron, 
uranous salts, etc., may also be titrated with bichromate. 

The potassium bichromate may readily be obtained in a pure 
condition by recrystallizations from water and diying at 200®, 
or better, melting in an electric oven. 

Titration of Ferrous Iron .— 

Cr 207 - + 14H+ + 6Fe++ 2Cr+++ + 7 H 2 O + 6Fe+++ 

With partial reactions: 

Cr 207 “ + 14H+ -h 6 e 2Cr+++ + 7 H 2 O, 

6Fe++ 6Fe+++ + 6©. 

In his classical paper, J. H. Hildebrand^ made a study of 
the potentiometric titration of ferrous iron with bichromate. 
Neither he nor G. S. Forbes and E. P. Bartlett ^ discuss the 
accuracy of the titration, '^olthoff ® showed that the acidity 
was of importance; sulphuric acid as well as hydrochloric acid 
may be used. In agreement with Kolthoff, M. Eppley and W. C. 
Vosburgh ^ showed that constant results are obtained in solu¬ 
tions the acid concentration of which is between 0.4 and 2.5 N 
liydrochloric, or above 0.4 N sulphuric {cf. Hildebrand, loc. cit.) 

Dissolved air has a negligible effect on the titration/ The 
results are somewhat dependent on the dilution of the solution. 
In the titration of 0.01 N ferrous solution, the amount of bichro- 

* Cf. for example, Forbes and Bartlett, J. Am. Chem. Soc., 85, 1535 (1913). 

* J. H. Hildebrand, J. Am. Chem. Soc., 85, 847 (1913). 

* G. S. Forbes and E. P. Bartlett, J. Am, Chem. Soc., 85, 1535 (1913). 

•I. M. Kolthoff, Chem, Weekblad, 16, 450 (1919). 

^ M. Eppley and W. C. Vosburgh, J. Am. Chem. Soc., 44, 2140 (1922), 
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mate required is about 0.4 per cent higher than the calculated 
amount; the deviation increases slowly in more dilute solutions. 
Hydrofluoric and phosphoric acids have almost no influence on 
the result. W. D. Treadwell and L. Weiss ® found that a warm 
solution acidified with sulphuric acid could be titrated with an 
accuracy of about 0.5 per cent. In the authors’ opinion, a 
further systematic study of the factors which influence the accu¬ 
racy of the ferrous iron-bichromate titration would be very 
desirable. 

J. C. Hostetter and H. S. Roberts ^ have applied the poten- 
tiometric method to the determination of traces of iron in com¬ 
mercial salts. The titration is carried out in an atmosphere 
of inert gas; the accuracy is about 1 per cent. 

The method has also been applied to the determination of 
iron in optical glasses, and of iron in magnetite.^ 

The reverse titration —bichromate with ferrous iron —has 
been applied by G. L. Kelley and J. B. Conant for the deter¬ 
mination of chromium in steel. According to Eppley and Vos- 
burgh (loc. cit.) the results of this titration agree with the titra¬ 
tion of ferrous iron with bichromate. 

In the titration of bichromate with ferrous iron it seems 
that the latter increases the potential of the electrode at the 
beginning of the titration. According to W. S. Hendrixson^® 
this anomaly is explained by the fact that the ferrous iron 
accelerates the speed with which the electrode takes up its 
full charge in contact with a strong oxidant. 

In all but extremely dilute solutions the electrode in contact 
with a strong oxidant reaches saturation after several hours, 
and normal falls of potential are then produced by adding ferrous 
sulphate. 

* W. D. Treadwell and L. Weiss, Helv. Chim. Acta, 2, 695 (1919), 

® J. C. Hostetter and H. S. Roberts, J. Am. Chem. Soc., 41, 1337 (1919). 

J. B. Ferguson and J. C. Hostetter, J. Am. Ceramic Soc., 2, 608 (1919). 

“ H. R. Adam, J. S. African Chem. Inst., 8, 7 (1925). 

L. Kelley and J. B. Conant, J. Ind. Eng. Chem., 8, 719 (1916); cf, also 
ibid., », 780 (1917); 18, 1053 (1921). 

W. S. Hendrixson, Proc. Iowa Acad. Sd., 81, 319 (1924); Chem. Abs. 20, 
2272 (1926). 
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Ferrocyanide. —I. M. Kolthoff and J. J. Vleeschhouwer (1926) 
tried to titrate ferrocyanide with bichromate, but without 
success. This result was confirmed by K. Someya.^^ He 
found that the reverse titration, bichromate with ferrocyanide, 
gives good results if the temperature is between 40 and 65®, 
in the presence of 3.5 to 7 per cent of hydrochloric acid. 

Titration of Trivalent Antimony, —M. H. Fleysher^® oxi¬ 
dizes the trivalent antimony with bichromate. The rise in poten¬ 
tial at the end-point is only 80-100 millivolts. 

Stannous Salts ,—According to Fleyshcr the jump in potential 
at the end-point is very large (cf, also Hostetter and Roberts 
(1919), and H. R. Adam (1924)). Fleyshcr does not mention 
the course of the potential in the titration of a mixture of stan¬ 
nous and antimonious solutions. Stannous tin is first oxidized, 
after which there is a steep potential change; the oxidation of 
antimony to the quinquivalent state then follows. Instead of 
making this simple titration, Fleyshcr removes the stannous 
ion by adding mercuric chloride and titrates the antimony 
without previous filtration. He remarks that arsenious solutions 
may be titrated in a similar way. In the authors^ opinion this 
mode of titration gives rise to many difficulties. 

Iodide, —I. M. Kolthoff^® studied the titration of iodide 
with bichromate. The break is very small when the solution is 
acidified with sulphuric acid. When hydrochloric acid is used, 
far better results are obtained. In about 1 N HCl solution the 
results are accurate to 0 to 0.4 per cent. Bromides decrease the 
jump in potential, but it is still possible to titrate with an accu¬ 
racy of 1 per cent when the ratio I~ ; Br"" is larger than 1 : 5. 

W. S. Hendiixson^^ says; ‘^Apparently hydriodic acid can 
be titrated directly against neither bichromate nor iodate by 
running their solutions into hydriodic acid to the end-point. 
There is no such abrupt rise in potential as in the case of perman¬ 
ganate, and the position of the end-point is not so evident.'^ 

K. Someya, Science Reports of Tohoku Imperial University, Series 1,16, 303 
(1927). 

*®M. H. Fleysher, J. Am. Chem. Soc., 46, 2725 (1924), 

*®I, M. Kolthoff, Rec. trav. chim., 89, 208 (1920). 

” W. S. Hendrixson, J. Am. Chem. Soc., 48, 19 (1921). 
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In a later paper Hendrixson states that the direct titration 
with bichromate is possible in sulphuric acid solution of at least 
2 N concentration, if sufficient time is allowed near the end-point 
for the reaction to reach completion. At least half an hour is 
required to reach the end-point without overstepping. Hendrix¬ 
son did not use hydrochloric instead of sulphuric add. 

Hydroquitionc .—Hydroquinone may be accurately titrated 
with bichromate at room temperature in 1 to 1.5 N sulphuric 
acid. A platinum wire is not very suitable, as it is easily poi¬ 
soned by the quinone that is formed. The potential becomes 
constant very soon during the titration if a blank platinum gauze 
electrode is used, although the electrode is easily polarized near 
the equivalence-point. It is then necessary to wait two or three 
minutes for the potential to become constant. With a small 
excess of bichromate the latter reaches its constant value almost 
immediately. Under proper conditions the titration can be fin¬ 
ished within 10-15 minutes, with an accuracy of 0.02 cc. of 0.1 
N reagent. After each titration the electrode must be ignited. 

The inflection-potential is somewhat dependent upon the 
addity of the solution. In 1-1.5 N sulphuric add the equiva¬ 
lence-potential is 0.550 volt (against N.C.E.). It should be 
mentioned that other hydroxybenzenes do not interfere with the 
hydroquinone titration. 

W. S. Hendrixson, J. Am. Chem. Soc., 43, 1313 (1921). 

“ I. M. Kolthoff, Rec. trav. chim., 46, 745 (1926). 
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OXIDATION WITH CERIC SULPHATE 

Ceric ion is a powerful oxidizing agent which reacts in the 
sense of the simple equation: 

according to Baur and Glaessner^ the normal potential is 1.44 
volts. The determinations were made with 0.05 M solutions of 
cerous and ceric salts in about 0.2 N H 2 SO 4 . A. H. Kunz^ 
found that at 25° the normal potential of the cerous-ceric sulphate 
system in 2 N sulphuric acid against the hydrogen electrode in 
the same acid is 1.443 volts; in 1 N sulphuric acid (against the 
H 2 electrode in the same acid) 1.461 volts. 

The especial advantages of ceric sulphate are: The stability 
of the solutions, which should be 0.5-1 N in sulphuric acid, the 
high oxidation potential, simplicity of reactions, and the use¬ 
fulness of the reagent in hydrochloric acid solutions. 

J. A. Atanasiu and V. Stefanescu ^ were apparently the first 
to begin a systematic study of the applications of ceric sulphate 
in the potentiometric field. At about the same time Furman, 
and Willard and Young,^ commenced similar studies. Atanasiu 
and Stefanescu studied the titration of oxalic acid, ferrous iron, 
hydrogen peroxide, ferrocyanide, and trivalent arsenic (cf. 
Willard and Young). Good results were obtained. The studies 
of Willard and Young and Furman will be described in connec- 

^ E. Baur and A. Glaessner, Z. Elektrochem., 9, 534 (1903). 

2 A. H. Kunz, J. Am. Chem, Soc., 68, 98 (1931). 

* J. A. Atanasiu and V. Stefanescu, Bull. Soc. roum. Chim., 80, 1 (1927); Ber., 
61, B, 1343 (1928). 

* Furman, J. Am. Chem. Soc., 60, 755 (1928); Willard and Young, ibid., 63, 
1322 (1928). 
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tion with the individual reactions. Especial credit should be 
given to Willard and Young for demonstrating the utility of ceric 
solutions in the presence of high concentrations of hydrochloric 
acid, and for demonstrating the usefulness of the reagent in titra¬ 
tions with indicators as well as by the potentiometric method. 

Preparation of Ceric Sulphate Solutions .—The preparation 
of the solutions from crude rare earth oxides derived from 
cerous oxalate has been described in Kolthoff^s Volumetric 
Analysis (Vol. II, p. 492). A much more convenient source 
is commercial rare earth oxides.^ Willard and Young ® give 
cost data and details of preparation of solutions from various 
grades of commercial oxide. For example, about 47 g. of com¬ 
mercial hydrated oxide are required per liter of 0.1 N solution. 
The oxide is treated with sulphuric acid of sp. gr. 1.5 at 120-125® 
C., with mechanical stirring until the undissolved residue is 
bright yellow. Enough acid is used to make the final solution 
about 1 N in sulphuric acid, in order to prevent hydrolysis of the 
ceric salt. Such solutions deposit ceric phosphate on standing ^ 
and contain iron. It is therefore desirable, when using this grade 
of oxide, to prepare a large stock solution several weeks in advance 
of the time when it will be needed, and to decant or filter the 
solution before its standardization. 

Stability of Solutions .—Furman ® showed that ceric solutions 
were stable for periods up to three months. Willard and Young ® 
found that 0.05 or 0.1 N ceric sulphate solutions 0.5 or 1 M in 
sulphuric acid were stable within the error of measurement 
(2 parts per 1000) for as long as 40 weeks. Their experiments 
proved that ceric sulphate is stable in solutions containing sul¬ 
phuric, nitric and sulphuric, or perchloric and sulphuric acid, 
during 1 hour of boiling (or as much as 5 hours when sulphuric 
acid alone is present). 

® Obtainable from the Welsbach Co., Glouchester, N, J. 

•Willard and Young, J. Am. Chem. Soc., 61, 149 (1929). 

^Furman and Evans, J. Am. Chem. Soc., 61, 1128 (1930). They found that 
commercial hydrated ceric oxide dissolved readily and nearly completely in 
1 : 1 sulphuric acid, or in hot 1 ; ^ (HjO by volume). 

• Furman, J. Am. Chem. Soc., 60, 755 (1928). 

• Willard and Young, J. Am. Chem. Soc., 61, 149 (1929). 
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Standardization of Ceric Sulphate. —Furman^® found that 
the reaction between ceric sulphate and oxalic acid was stoichio¬ 
metric with either substance as reagent. The titration of sodium 
oxalate with ceric sulphate in solution strongly acidified with sxil- 
phuric acid (5 cc. of concentrated acid per 50 cc.) is too slow to be 
practical at 50°; accurate results are obtained. The best pro¬ 
cedures for the standardization have been worked out by Willard 
and Young.^i 

They state that the reaction: 

Na2C204 + 2Ce(S04)2 = Na2S04 + 2 CO 2 4“ 002 ( 804)3 

is rapid at or above 70° if not more than 2.5 cc. of sulphuric 
acid (concentrated) are present per 100 cc. at the start of the 
titration. Equally good results are obtained if hot (90° or hotter) 
hydrochloric acid is used. As much as 10 per cent of concen¬ 
trated HCl by volume may be present at the start of the titration. 
There is a break in potential of .17S--0,2 volt per 0.02 cc. of 0.1 
N ceric sulphate at the end-point. It was found that the titra¬ 
tion in hydrochloric acid solution could be made at room tem¬ 
perature, with iodine monochloride as a catalyst: The solution 
must contain 15-25 cc. of concentrated hydrochloric acid, and 
10 cc. of 0.005 M iodine chloride per 100 cc. The potential at 
the start is 0.625-0.675 volt (vs. N.C.E.), but drops to .400-0.45 
during the addition of the first few cc. of ceric sulphate. The 
break at the end-point amounted to 0.2-0.25 volt per 0.03 cc, 
of 0.1 N ceric solution. 

Preparation of Iodine Chloride. —0.279 g. of potassimn iodide 
and 0.178 g. of potassium iodate are dissolved in 250 cc. of water, 
and 250 cc. of concentrated hydrochloric acid are added all at 
once. The solution is adjusted electrometrically by adding a 
little iodide or iodate, (When the solution is properly adjusted a 
small drop of either potassium iodide or iodate solution will cause 
a large change in the oxidation-reduction potential of the solu¬ 
tion.) 

Furman, J. Am. Chem. Soc., 50, 755 (1928). 

Willard and Young, J. Am. Chem. Soc., 60, 1325 (1928). 
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Arsenious Oxide ,—Willard and Young found that afsenious 
solutions could be oxidized quantitatively with ceric sulphate 
under the following conditions: The initial volume of the solu¬ 
tion should be 100 cc. for 0.25-0.3 g. AS 2 O 3 ; the oxide is dis¬ 
solved in 15 cc. of water containing 1 g. sodium carbonate; 
after cooling, and diluting to 75-80 cc., 20 cc. of concentrated 
HCl and 5 cc. of 0.005 M iodine monochloride catalyst are added. 
The break at the end-point is 0.15-0.25 volt per 0.03 cc. of 
0.1 ceric sulphate. Willard and Young reported that the 
standardization against pure arsenious oxide gave a normality 
of 0.0938 for a ceric solution which gave average normalities of 
0.941 against either sodium oxalate or pure electrolytic iron. 
They therefore suggest that an empirical correction factor 
be used. 

Their conclusions are not confirmed by Swift and Gregory 
who found that the error in Willard and Young’s work was due 
to having the final concentration of hydrochloric acid too low. 
With an acid concentration of 4 M, Swift and Gregory found 
that the arsenious oxide and sodium oxalate standardizations 
agree to 0.1 per cent or better. Furman and Wallace (1928, 
unpublished) found that standardizations against sodium oxalate 
and arsenious oxide agreed to 1-2 parts per 1000, the error being 
in the opposite direction to that found by Willard and Young; 
in this work the significance of the acid concentration was not 
clearly recognized. 

Arsenious oxide may be used as a primary standard, provided 
the concentration of hydrochloric acid is approximately 4 M at 
the end-point, i.e., approximately 40 cc. of concentrated hydro¬ 
chloric add should be present per 100 cc. of arsenious solution 
containing 0.25-0.3 g. of AS 2 O 3 , at the start of the titration. 

Electrolytic Iron .—^Willard and Young found that pure 
electrolytic iron (99.97 per cent Fe) could be used as a primary 
standard. If a hydrochloric acid solution is employed, they 
report that air must be exduded by a stream of carbon dioxide; 

Willard and Young, J. Am. Chem. Soc., 60, 1372 (1928). 

E. H. Swift and C. H. Grogoiy, J. Am. Chem. Soc., 62, 901 (1930). 

Willard and Young, J. Am. Chem. Soc., 60, 1322 (1928). 
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Otherwise an error of 1 part per 1000 results because of oxidation 
of ferrous iron by air. 

Potassium Ferrocyanide ,—Furman and Evans studied the 
reaction between ceric sulphate and ferrocyanide, and found that 
a pure grade of potassium ferrocyanide (dried) gave normalities 
for ceric sulphate agreeing to 1-1.7 parts per 1000 with the nor¬ 
mality found against sodium oxalate. Someya reports that 
crystallized potassium ferrocyanide, K4Fe(CN)63H20, is very 
suitable for the standardization of ceric sulphate. 

Potassium lodate .—The solution is reduced by an excess of 
sulphur dioxide, the latter being removed by boiling. After 
cooling, enough hydrochloric acid is added to make its concen¬ 
tration 1-6 N, and then 5 cc. of 3 per cent potassium cyanide. 
The titration is made at room temperature.^’^ The iodide 
can be titrated without the addition of cyanide (Willard and 
Young) but the jump in potential is then much smaller. 

Antimony .—^Antimonious chloride solution may be titrated 
at room temperature with ceric sulphate with the aid of iodine 
monochloride as a catalyst, according to Willard and Young. 
The antimony solution is reduced with sulphur dioxide or other 
suitable reducing agents. From 0.35 to 0.45 g. of antimony 
(or an equivalent amount of antimony compound) is dissolved in 
5 cc. of hot concentrated sulphuric acid (sp. gr. 1.83). To the 
cool mixture are added 20 cc. of water, 25 cc. concentrated hydro¬ 
chloric acid (sp. gr. 1.18), and 1 g. of sodium sulphite. After 
standing ten minutes on a low temperature hot-plate, the solu¬ 
tion is boiled until the excess of sulphur dioxide has been expelled. 
The volume is kept constant by additions of 1 : 1 hydrochloric 
acid. The solution is cooled and diluted to 100 cc. after the 
addition of 10 cc. of 0.005 M iodine monochloride. In the titra¬ 
tion with 0.1 N ceric sulphate a sharp end-point is obtained, 
although the magnitude of the break at the end-point may be as 

N. H. Furman and O. M. Evans, J. Am. Chem. Soc., 61, 1128 (1929). 

^*K. Someya, Science Reports Tohoku Imp. Univ., 18, 517 (1929). 

Someya, Science Reports Tohoku Imp. Univ., 18, 517 (1929). 

** H. H. Willard and P. Young, J. Am. Chem. Soc., 60, 1368 (1928). 

H. H. Willard and P. Young, J. Am. Chem. Soc., 60, 1376 (1928). 
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little as 40~S0 millivolts or as large as 150-180, per 0.03 cc. of 
ceric sulphate. 

Willard and Young state that the reaction is too slow to be 
practicable at room temperature in the absence of the catalyst. 
Rathsburg^® has found, however, that the reaction runs suffi¬ 
ciently rapidly at room temperature in a solution containing 15 
per cent of hydrochloric acid, and that under the same conditions 
arsenic is not oxidized, and hence the latter may be determined 
subsequently with potassium bromate. Furman 21 has studied 
the titration of antimony in the absence of the catalyst. His 
observations show that the oxidation of antimony is sufficiently 
rapid at room temperature when the solution contains 40-50 
per cent of concentrated hydrochloric acid (sp. gr. 1.18) by vol¬ 
ume. The oxidation of the antimony is complete when as little 
as 33 per cent of the acid is added, but if arsenic is also present 
the results for antimony are erratic (high). There appears also 
to be a limit to the absolute concentration of the arsenic which 
is permissible. For example, with solutions containing 0.1256 
g. antimony and 0.0374 g. of arsenic in a total volume of 60-75 
cc. with 25-40 cc. of concentrated hydrochloric acid present, 
correct results were obtained for the antimony. A change of 
40-50 millivolts is found per drop of 0.1 N ceric sulphate. If 
the proportions of arsenic and antimony are reversed, no definite 
end-point is found when an amount of ceric sulphate which is 
equivalent to the antimony has been added. It therefore 
appears that Rathsburg’s conclusions are correct only imder 
rather limited experimental conditions. 

Furman found that under conditions which enable the 
antimony to be determined accurately, it is possible to add 10 cc. 
iodine monochloride catalyst and 10 cc. of water after the anti¬ 
mony has been oxidized and to titrate to a second inflection. 
The E.M.F. falls about 0.15-0.2 volt after the addition of the 
iodine monochloride and then rises gradually as ceric sulphate is 
added, until at the end of the oiddation of the arsenic there is a 
sharp rise of about 0.1 volt per 0.05 cc. of 0.1 N ceric sulphate. 

•®H. Rathsburg, Ber., 61, 1664 (1928). 

*iN. H. Funnan (unpublished). 
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Arsenic .—Trivalent arsenic is oxidized smoothly by ceric 
sulphate at room temperature with iodine monochloride as a 
catalyst {cf. arsenious oxide as a standard substance, p. 283). 
The solution should be approximately 4 M in HCl at the end¬ 
point. An excellent change'in potential is found at the end¬ 
point. According to Swift {loc. cii.) the results are accurate. 

Chromium .—It is not possible to titrate trivalent chromium 
directly with ceric sulphate, according to Willard and Young.^^ 
They found, however, that it was possible to oxidize chromium 
with a measured excessive quantity of ceric sulphate, and to 
determine the excess of the latter by titration with standard 
sodium nitrite or oxalate solution. An alternate method, which 
they developed, consisted m the selective reduction of the excess 
of eerie salt either (a) by addition of a slight excess of nitrite 
followed by urea to destroy the excess of nitrite, or {b) by addi¬ 
tion of sodium azide; in either case (a) or (6), the hexavalent 
chromium is titrated with standard ferrous sulphate. Excess of 
nitrite must be avoided because of its reducing action upon 
Cr^*; a large excess of azide has no reducing action on Cr^‘. 
Iron and manganese do not interfere with the oxidation of tri¬ 
valent chromium. Manganese is oxidized to permanganate 
and subsequently precipitates as manganese dioxide, in part. 
If a precipitate is formed, back titration with nitrite or oxalate 
has to be performed slowly to allow the precipitate to react. 
The reduction of the Mn02 is somewhat more rapid with sodium 
oxalate than with nitrite. Titration with sodium oxalate is 
unsatisfactory when more than 1 g. of iron is present. 

Procedure .—The chromium solution, containing 5-10 cc. of 
sulphuric acid (sp. gr. 1.5) or 5 cc. of the sulphuric acid and 5 cc. 
of nitric acid (sp. gr. 1.42) in a total volume of ISO cc. is treated 
at 100® C. with an excess of 0.1 N ceric sulphate (10-12 cc. in 
excess of amount required to oxidize substances present). Oxida¬ 
tion of the chromium is very rapid; if no nitric acid is present, 
3-5 minutes are allowed before the solution is diluted and 
titrated. Usually the solution is diluted to 300 cc. before titra¬ 
tion with nitrite or oxalate, or before using the alternate pro- 
“ H. H. Willard and P. Young, J. Am. Chem. Soc., 51, 139 (1929). 
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cedures, (a) and (b). The titration with nitrite is made with the 
solution at 50-60°. At the end-point the potential falls 0.15-0.2 
volt per 0.05 cc. of 0.1 N nitrite. The tip of the burette dips 
below the surface of the solutipn to prevent loss of nitrous or 
nitric oxide. The titration is carried out at 70-80° if sodium 
oxalate solution is employed. The latter reduces manganese 
dioxide more rapidly than does nitrite; the oxalate solution is 
less satisfactory than the nitrite when large amounts of iron are 
present. 

Vanadium, if present, is oxidized to vanadate, and the pro¬ 
cedure gives the sum of the,vanadium and chromium. 

The methods of Willard and Young appear to be the most 
rapid that have thus far been developed for the determination 
of chromium in the presence of iron and manganese. 

Ferrocyanide .—Ceric sulphate oxidizes ferro- to ferricyanide 
in acid solution in accordance with the reaction: 

Ce++++ + Fe(CN)6^ = Ce+++ + Fe(CN)6-. 

Atanasiu and Stefanescu ^3 reported that the reaction was quan¬ 
titative, but presented no extended series of results. Furman 
and Evans and K. Someya found that the reaction was rapid 
and accurate enough to be used for the standardization of ceric 
solutions. An amount of ferrocyanide equivalent to 25-45 cc. 
of ceric solution is dissolved in 60-100 cc. of water that has been 
made 1-2 N in hydrochloric or sulphuric acid. A jump in poten¬ 
tial equal to 0.15-0.25 volt per 0.05 cc. of .05 N ceric solution is 
usually found at the end-point; with 0.1 N ceric solution the 
jump is 0.2-0.3 volt per 0.05 cc. 

A. J. Berry 26 studied the titration of ferrocyanide, using 
ferric salt as an external indicator (spot-plate method). Fur¬ 
man and Evans foimd that the small amoimt of ferric iron in 
crude ceric solutions gives a greenish-colored ferric ferrocyanide 

“ J. A. Atanasiu and V. Stefanescu, Ber., 61, 1343 (1928). 

N. H. Funnan and O. M. Evans, J. Am. Chem. Soc., 61, 1128 (1929). 

**K. Someya, Z. anorg. allgem. Chem., 181, 183 (1929). 

A. J. Bcriy, Analyst, 64, 461 (1928), 
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sol which disappears sharply at the end-point and thus serves 
as an indicator in the titration of pure potassium ferrocyanide. 

Furman and Evans foimd that the titration of ceric salt with 
standard ferrocyanide was only stoichiometric when the major 
portion (85-^95 per cent) of the ferrocyanide was added very 
rapidly; if the ferrocyanide is added slowly, some of the ceric 
sulphate is apparently consumed by oxidation of decomposition 
products of ferricyanide. The initial acid concentration of the 
ceric solution may range from 1 to 2.5 N, and the initial vol¬ 
umes were 50-100 cc. A break of 0.23-0.34 volt per 0.03 cc. 
of 0.1 N ferrocyanide was found at the end-point. Someya^^ 
confirmed the findings of Furman and Evans regarding the 
necessity of adding the major portion of the ferrocyanide rapidly. 

Hydrazoic Acid ,—Martinis determined hydrazoic acid by 
adding an excess of ceric sulphate; the excess of reagent was 
determined iodometrically, with exclusion of air. The reaction 
is: 

2Ce++++ + 2 HN 3 = 3 N 2 + 2Ce+++ + 2H+. 

It appears likely that an indirect potentiometric determination 
would be more convenient. Willard and Young (c/. under 
Chromium found that hydrazoic acid reduces ceric ion 
selectively in the presence of chromic and vanadic acids. 

Hydrogen Peroxide ,—Hydrogen peroxide and ceric ion react 
as follows: 


2Ce++++ + H 2 O 2 4 =^ O 2 + 2Ce+++ + 2H+. 

Atanasiu and Stefanescu showed in a preliminary fashion that 
the reaction was quantitative. Furman and Wallace^® found 
either of the reactants could be used as reagent. In the titration 
of the peroxide with standard ceric sulphate, the reaction is slug¬ 
gish at all concentrations of sulphuric acid from 0.5-9 N (initial 
volume 100 cc.). Three to five minutes are required for the 
potential to become steady near the end-point. The results are 

Someya, Z. anorg. allgem. Chem., 184, 428 (1929). 

*8 J. H. Martin, J. Am. Chem. Soc., 49, 2133 (1927). 

J. A. Atanasiu and V. Stefanescu, Ber., 61, 1343 (1928). 

*®N. H. Furman and J. H. Wallace, Jr., J, Am. Chem. Soc., 61, 1449 (1929). 



OXIDATION WITH CERIC SULPHATE 


accurate, and the break in potential is 0.15-0.25 volt per 0.05 cc. 
of 0.1 N ceric solution at the end-point. In hydrochloric or 
acetic acid solution (0.5-3.0 N) the reaction is much more rapid, 
and the voltage break of the order of 0.25-0.32 volt per 0.05 cc. of 
reagent. In nitric acid (0.5-2 N) the reaction is a little slower, 
and the voltage break about 0.2-0.25 volt. The visual end-point 
(ceric color) lies about 0.05 cc. beyond the potentiometric one. 

In the reverse titration accurate results were obtained in the 
presence of nitric or sulphuric acid. 

Furman and Wallace employed the reaction between ceric 
sulphate and hydrogen peroxide for the indirect determination 
of lead peroxide. 

Iodide ,—^Willard and Young found thS,t the titration of 
iodide with ceric salt, or vice versa, proceeds quantitatively 
according to the equation: 

2Ce++++ + 2I~?=>2Ce+++ -f- 12 , 

in solutions of sulphuric or hydrochloric acid that are moderately 
concentrated (0-50 cc. of H 2 SO 4 of sp. gr. 1,25 per 100 cc.). 
In solutions containing high concentrations of hydrochloric acid, 
the iodide is oxidized to iodine monochloride; with a solution 
containing 25 cc. of 0.05 M KI, 25-55 cc. of HCl (sp. gr. 1.18) 
per 100 cc. about 5 parts per 1000 too little ceric sulphate was 
used to correspond to the reaction: 

2Ce++++ + I- + Cl- = ICl + 2Ce+++. 

The low results were attributed to loss of iodine. E. H. Swift 
found that the oxidation of iodine to iodine monochloride was 
more nearly quantitative in hydrochloric acid solutions of con¬ 
centration 4-6 molar at the end of the titration. The amount of 
ceric sulphate used was in agreement with that calculated from 
the iodate titration to 1 part in 400 or better. Swift used the 
visual (carbon tetrachloride) method of detecting the end-point. 

Willard and Young found a break of 175-200 millivolts per 
0.03 cc. of 0.1 N ceric sulphate in the titration of iodide alone. 
In the presence of bromide (ratio I : Br ~ 5 : 1) the break 

H. H. Willard and P. Young, J. Am. Chem. Soc., 60, 1368 (1928). 

»* E. H. Swift, J. Am. Chem. Soc., 62, 894 (1930). 
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diminished to only 45 millivolts per 0.03 cc. of the ceric solution. 
An analogous diminution in the break at the end-point is also 
found in the oxidation of iodine to iodine monochloride, when 
bromide is present. 

Iron ,—The reaction between ferrous ion and ceric: 

Ce++++ + Fe++ = Ce++-+- + Fe++*^ 

has been studied by a number of investigators.^^ The reaction 
proceeds quantitatively and with a good break in potential at 
the end-point, in sulphuric acid solution, with either substance 
as reagent. Willard and Young found an error of 1 part per 
1000 in the titration of hydrochloric acid solutions of ferrous iron 
in contact with air. The error disappeared when titrations were 
made in an atmosphere of carbon dioxide. Diphenyl amine or 
diphenyl benzidine could be used as indicators if a suitable 
amoimt of phosphoric acid was added. Furman and Wallace 
found that erio green or erio glaucine or methyl red could be used 
as indicators in the titration of ferrous iron without the necessity 
of adding phosphoric acid,^^ Erio green and erio glaucine appear 
to be especially satisfactory indicators for the titration of ferrous 
solutions after stannous chloride reduction, since a considerable 
excess of mercuric chloride has no effect upon their action. 

Willard and Young found that excellent results were obtained 
in the analysis of iron ores with the aid of ceric sulphate. 

B. A. Soule has applied ceric sulphate to the determination 
of ferrous iron in magnetite and in materials of high silica content 
after decomposition by a mixture of hydrochloric and hydro¬ 
fluoric acids in a Pyrex ’’ flask. Reducing agents derived 
from the glass vessel (As^“) have no effect on the determination. 
The end-points were determined electrometrically, using either 
a platinum-silver electrode pair or a platinum-silver, silver 
chloride cell. 

“Atanasiu and Stefanescu, Ber., 61, 1343 (1928); N. H. Furman, J. Am. 
Chem. Soc., 60, 755 (1928); Willard and Young, J. Am. Chem. Soc,, 60, 1334 
(1928). The potentiometric titration of ceric ion with ferrous iron was first described 
by K. Someya, Z. anorg. allgem. Chem., 168, 56 (1927). 

N, H. Furman and J. H. Wallace, Jr., J. Am. Chem. Soc., 62, 2347 (1930). 

**B. A. Soule, J. Am. Chem. Soc., 61, 2117 (1929), 
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Mercurous Mercury .—Willard and Young found that mer¬ 
curous sulphate could be oxidized to mercuric sulphate by heating 
with a large excess of standard ceric sulphate solution. After 
cooling, the excess of the latter was determined by potentiometric 
titration with standardized ferrous sulphate. The mercurous 
sulphate solution contained 0.0295 g. of mercury per 100 cc. 
To 50-300 cc. portions of this solution were added 10-50 cc. of 
sulphuric acid (sp. gr. 1.4) and 15-50 cc. of approximately 0.1 N 
ceric sulphate. The volume was brought up to 200-400 cc. 
The oxidation was effected by heating 15-60 minutes just below 
boiling. The best results were obtained when the excess of sul¬ 
phuric acid was small and the excess of ceric solution large. If 
more than 30-35 mg. of mercurous mercury is present it is neces¬ 
sary to run a blank determination, with an amount of mercuric 
sulphate present which is approximately equivalent to the mer¬ 
curous mercury in the unknown. The method i^ suitable for the 
determination of mercurous mercury in the presence of a large 
amount of mercuric, provided a blank correction is used. 

Nitrile, —^Atanasiu^^ found that nitrite could be determined 
by using the nitrite solution as reagent in the titration of meas¬ 
ured portions of standard ceric sulphate. A sharp break in 
potential was found, and the magnitude and E.M.F. values 
were but slightly affected by changes in sulphuric acid concen¬ 
tration or temperature. The reaction equation is: 

2Ce++-^+ + N02“ + H 2 O = NOa- + 2Ce+++ + 2H+ 

Willard and Young studied the reaction between ceric sul¬ 
phate and nitrite, and applied it successfully to the determination 
of cerium (after oxidation with persulphate), and to the selective 
reduction of excess of ceric sulphate which had been used to 
oxidize chromium and vanadium (c/. p. 286), 

Tellurium .—The studies of Willard and Young have 
shown that tellurous acid is oxidized by excess of ceric sulphate in 

*®H. H. Willard and P. Young, J. Am. Chcm. Soc., 52, 557 (1930), 

Bull. Soc. Chim. romana stiinte, 80, No. 1 (1927). 

»«H. H. WiUard and P. Young, J. Am. Chem. Soc., 50, 1379 (1923); 51, 139 
(1929). 

•• H. H. Willard and P. Young, J. Am. Chem. Soc., 52, 553 (1930). 
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boiling solution containing sulphuric acid, with the aid of chromic 
sulphate as a catalyst. Under these conditions as much as 0.3 g. 
of copper, and 0.3 g. of selenium as selenious acid, do not inter¬ 
fere with the determination. 

Procedure: The solution of tellurous acid, containing 0.1-0.4 g. 
of tellurium and 10 cc. of sulphuric acid (sp. gr. 1.5) and 5-10 cc. 
of 0.08 N chromic sulphate and a. 100 per cent excess of 0.1 N 
ceric sulphate (50-100 cc.) in a total volume of 200 cc. is kept at 
the boiling point for 10 or at most 20 minutes. After cooling to 
30-35° C, the excess of ceric sulphate is determined with standard 
ferrous sulphate. The results are quantitative. 

Uranium .—Ewing and Wilson studied the reaction between 
reduced uranium solutions and ceric sulphate. They heated the 
uranium solutions to boiling before reduction (Jones reductor). 
The titration was carried out in a carbon dioxide atmosphere. 
Two end-points were found at the completion of the processes 
U'" —»and respectively. If iron and uranium 

are present, three inflections are found, the first and second 
corresponding to the two uranium end-points and the third to 
the end of the oxidation of Fe” to Fe"\ Ewing and Wilson 
state that acetate interferes; Furman and Schoonover (next para¬ 
graph) found that acetate did not interfere if the uranium solution 
was cold when passed through the reductor. The latter found 
that the results of the titration were erratic in the presence of 
chloride. Ewing and Wilson foimd correct results in HCl solu¬ 
tion, but state: In all cases where hydrochloric acid was used 
the first end-point was too slow to be of practical use.” Reduc¬ 
tion and titration in 2 per cent sulphuric acid solution gave the 
most consistent results. 

N. H. Furman and I. C. Schoonover obtained good results 
in the titration of reduced uranium solutions with ceric sul¬ 
phate. The uranyl solution is reduced in 2 per cent sulphuric 
add at room temperature in a Jones reductor. About 3(M0 per 

^®D. T. Ewing and (Mrs.) M. Wilson, J. Am. Chem, Soc., 53, 2105 (1931). 

N. H. Furman and I. C. Schoonover, J. Am. Chem. Soc., 53, 2561 (1931). 

^As suggested by Lundell and Knowles, Ind. Eng. Chem., 16, 723 (1924); 
J. Am. Chem. Soc., 47, 2637 (1925). 
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cent of the uranium is reduced to the trivalent state. The tri- 
valent uranium is oxidized rapidly to the quadrivalent condition 
by air at room temperature. The potential (Pt vs. saturated 
K2SO4 I Hg2S04Hg) jumps over 0.1 volt at the end of this oxida¬ 
tion. Air is displaced by carbon dioxide, and the solution is 
heated to 80-90° C. and titrated with standard ceric sulphate. 
If the ceric sulphate contains a little ferric iron, as is frequently 
the case, two inflections are found, the first at the end of the 
process: >U^^, and the second after the re-oxidation of 

ferrous to ferric iron. The ferrous iron is produced by reaction 
between uranous ion and the ferric ion that is introduced in the 
ceric sulphate. Hence the amount of reagent used at the second 
point of inflection is equivalent to the uranium. Presence of 
chloride should be avoided because too much oxidizing agent 
appears to be used in its presence. A small amount of acetate does 
not influence the titration. If 10 cc. of glacial acetic acid is 
present in the solution before reduction 0.05 cc. of ceric sulphate 
in excess is consumed. It was not shown conclusively that the 
effect was due to acetic acid rather than impurities in the acid. 

Vanadium .—Furman found that quadrivalent vanadium is 
oxidized selectively to vanadic acid by ceric sulphate in the 
presence of ferric and chromic salts at 50-60° C. For initial 
volumes ranging from 25-200 cc. and containing 10-50 cc. of 
0.05 N vanadyl solution and as much as 5 cc. of concentrated 
sulphuric acid or 10 cc. of concentrated hydrochloric acid, the 
reaction is rapid, and the change in potential is 0.025 to 0.1 volt 
per 0.05 cc. of 0.05 N ceric sulphate at the end-point. It was 
shown that ferrous sulphate could be determined in the presence 
of vanadyl salts, and that the vanadium could be determined 
by proceeding to a second jump in potential. The method was 
applied to the determination of vanadium in ferro vanadium. 

Willard and Young independently studied the reaction 
between ceric and vanadyl ions, and found it to be stoichiometric, 
using either solution as reagent. They foxmd that at 70-80° C. 
the reaction with 5-15 cc. of sulphuric acid (sp. gr. 1.83) per 

“N. H. Fumian) J. Am. Chem. Soc., 60, 1675 (1928). 

«*H. H. Willard and P. Young, Ind. Eng. Chem., 80, 972 (1928). 
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100 cc. was accurate, although the break in potential at the end¬ 
point is less as the acidity is increased. The method was found 
to be accurate when 5-20 cc. of concentrated hydrochloric acid 
(sp. gr. 1.18), or 5 cc. of concentrated nitric acid (sp. gr. 1.42) or 
5-10 cc. of perchloric acid (sp. gr. 70-72 per cent) were present 
per 100 cc. Accurate determinations of vanadium were made in 
special steels. 


Proceduke 

Chrovie-vanadium Steel .—Four to five grams of low vanadium steel 
(0.15-0.25 per cent) are treated in a 600-cc. beaker with 35-40 cc. of water 
and 10 cc. of sulphuric acid (sp. gr. 1.83). After the decomposition is com¬ 
plete the boiling is continued until salts separate, to decompose carbides. 
After dilution with 20 cc. water and solution of the .salts, HNOs of sp. gr. 
1.42 is added drop by drop until the violent oxidation of ferrous sulphate 
ceases (less than 1 cc. excess is used). Oxides of nitrogen are boiled out; 
after dilution to 75-100 cc., oxidation is effected with 2 cc. of AgNOs (2.5 g. 
per 1.), and 2 g. of ammonium persulphate. After boiling 15 min¬ 
utes, the solution is cooled to room temperature, and 40 cc. of sulphuric 
acid (sp. gr. 1.5) are added, and then 0.05 N ferrous sulphate until a 5-cc. 
excess is present as indicated by the voltage. After 10 minutes a slight 
excess of dilute permanganate is added, and the solution is cooled to 5-10® C. 
The solution may be titrated to the end-point with ferrous sulphate, or an 
excess of the latter may be added. The solution is finally titrated with 
ceric sulphate (0.05 N), at room temperature, for excess of ferrous ion, then 
after dilution to 300 cc. and heating to 70-75® C. the vanadyl ion is oxidized 
by titration with 0.05 N ceric sulphate to the end-point. 

Chrofne-mnadium--tungsten Steel .—One gram for a steel containing more 
than 1 per cent V, or 2 g. for a steel of less than 1 per cent V is treated 
with 10 cc. water, 30 cc. concentrated HCl (sp. gr. 1.18) and warmed gently 
until the tungsten separates as a black powder. Eight cubic centimeters 
of HNOa of sp. gr. 1.42 are added, at first cautiously, until the violent 
action is over. The liquid is boiled and rotated until the volume is 20 cc. 
If there are black particles in the tungstic acid, 5 cc. of HCl and 3 cc. of 
the nitric acid are added and the solution is boiled down again. Dilute to 
60-70 cc. with hot water, boil to dissolve salts, and let settle until the 
liquid is clear. Filter the tungstic acid and wash with hot 2 per cent HCl. 
The filtrate plus 5 cc. of concentrated H2SO4 is evaporated to fuming, diluted 
to 70-80 cc. and heated to dissolve the salts present. The filter is punc¬ 
tured and the tungstic acid is washed into the original beaker, finally using 
4 per cent NaOH, until the tungstic acid dissolves (only 15 cc. of NaOH 
solution are used). This solution is filtered into the original acid filtrate. 
A clear solution results because the ferric salt holds the tungstic acid in 
solution under these conditions. Forty cubic centimeters of sulphuric acid 
(sp. gr. 1.5) are added, and the solution is cooled to 10-15® C., and ferrous 
sulphate is either added to the end-point, or an excess of about 5 cc. is used, 
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if preferred. In the latter case the cold solution is titrated to the ferrous 
ferric end-point with ceric sulphate. The determination is then concluded 
as described under “ Chrome-vanadium Steel.’’ The accuracy of the 
method was proved by analysis of synthetic mixtures resembling solutions 
of steels, and by analyses of Bureau of Standards ^loy steels. 

Eydroquinone .—Furman and Wallace^® found that ceric 
sulphate reacts quantitatively with hydroquinone in the sense 
of the equation: 

2Ce++-^+ + C0H4O2H2 C6H4O2 + 2Ce+++ + 2H+ 

The reaction was rapid in all concentrations of sulphuric or 
hydrochloric acid which were used (0.5-2.5 N), and a sharp 
end-point jump of 0.25-0.35 volt per 0.05 cc. of 0.1 N ceric 
sulphate was found. The results were accurate; purified 
hydroquinone, regarded as a standard substance, gave a nor¬ 
mality which agreed (to 1 part per 1000) with that found for the 
ceric sulphate against sodium oxalate, i.e., well within the experi¬ 
mental error. 

The ceric sulphate titration of hydroquinone is the sharpest 
and most precise that has thus far been described. The influence 
of related compounds on the titration has not, thus far, been 
studied. Electrode poisoning is not encountered in this reac¬ 
tion (c/. p. 279). 

Organic Acids: Oxalic Acid ,—The reaction between ceric 
sulphate and oxalic acid has been thoroughly studied in con¬ 
nection with the use of sodium oxalate as a primary standard. 
(For details cf. p. 282.) The reaction is stoichiometric, 
and proceeds most rapidly in (a) a solution containing about 
20 cc. of concentrated hydrochloric acid (sp. gr. 1.18) per 100 cc. 
at 70-90® C.; (6) at room temperature in a solution similar to 
that under (a) with the addition of 10 cc. of 0.005 M iodine 
monochloride catalyst {cf. p. 282). 

The determination of oxalic acid has been made the basis 
of the indirect determination of substances which yield insoluble 
oxalates, and of substances which oxidize oxalic acid.^® It seems 

N. H. Furman and J. H, Wallace, Jr., J. Am. Chem. Soc., 52, 1443 (1930), 

** Cf. Kolthoff-Funnan, Volumetric Analysis II, pp. 335-339. 
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likely that ceric sulphate might be used successfully for any 
of these indirect applications. Willard and Young applied 
the oxalic acid titration in the determination of calcium which 
had been precipitated as calcium oxalate. 

The behavior of a number of organic acids toward ceric sul¬ 
phate was studied by Willard and Young.^^ The following 
conclusions were drawn from the study: 

(1) Formic, acetic, succinic, fumaric, and maleic acids are 
not oxidized by ceric sulphate in hot sulphuric acid solution. 

(2) Tartaric, malonic, malic, glycolic, and citric acids are 
oxidized by excess of ceric sulphate. The products are formic 
acid, carbon dioxide, and water. The excess of ceric sulphate 
was determined by potentiometric titration with ferrous sulphate. 
The oxidation does not follow any simple equation exactly, but 
the consumption of oxidizing agent is quite constant per mole of 
acid. 

Procedure: A suitable weight of the acid or one of its salts is 
heated for 30-60 minutes at 90-100° C. in a solution of initial 
volume 200 cc. in which are 20-40 cc. of sulphuric acid (sp. gr. 
1.5) and an excess of 0.1 N ceric sulphate (about 60-100 per cent 
excess). Under these conditions the acids required the following 
amounts of oxygen per mole: 


Add 

1 

Equivalents of 
Oxygen 

per Mole of Acid 

Grams of Add 
Oxidized by 1 cc. of 
0.1 N Ceric Sulphate 

Tartaric. 

7.2 

0.002084 

Malnnic... 

6.66 

0.001563 


9.25 

0.001449 


3.95 

0.001923 

0.001211 


15.85 



(3) Benzoic, phthalic and salicylic acids are oxidized to a 
variable extent by ceric sulphate in hot sulphuric add solution. 

H. H. Willard and P. Young, J. Am. Chem. Soc., 50, 1322 (1928). 

" H. H, Willard and P. Young, J. Am. Chem. Soc., 52, 132 (1930). 
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The action of ceric sulphate on complex organic compounds 
may follow a different path from that which the permanganate 
oxidation follows under the same conditions. This fact leads to 
interesting possibilities for preparative work in many cases where 
the process of oxidation is not constant enough to be made the 
basis of a volumetric method. 



CHAPTER Xn 


OXIDATION WITH POTASSIUM lODATE 

The oxidizing action of iodate ion may be represented by the 
equation: 

IO 3 - + 6H+ + 6 © I- + 3 H 2 O. 

Potassium iodate can be obtained in pure condition by recrys¬ 
tallization from water and drying at 180°. 

Iodide, —^According to I. M. Kolthoff/ the potentiometric 
titration of iodide with iodate yields very accurate results. The 
reaction is represented by the equation: 

103 ” + SI + 6H+ 3 H 2 O + 3 I 2 . 

With partial reactions: 

IO 3 ” + 6H+ + 5 0 -112 + 3 H 2 O 

51“ ;e:± 2^2 + 5 0. 

The solution may be acidified with hyd]*ochloric or sulphuric 
acid. The potential becomes steady very soon and a sharp break 
occurs at the equivalence-point. Accuracy, 0.1 per cent. 
Presence of bromide decreases the accuracy and the magnitude 
of the potential break, but good results are obtained when the 
ratio I : Br is larger than 1 : 5. 

W. S. Hendrixson^ studied the titration of iodate with 
iodide. He found it impracticable in hydrochloric acid solution 
because of reaction between acid and iodate (volatilization of 
chlorine?). With sulphuric acid he found a sharp end-point, 

^ 1. M. Kolthoff, Rec. trav. chim., 39, 212 (1920). 

* W. S. Hendrixson, J. Am. Chem. Soc., 48, 861 (1921). 
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although the reaction at the end-point is slower than in the titra¬ 
tion of iodide with permanganate. 

E. Muller and D. Junck*^ have studied the iodide-iodate 
reaction. They recommend that the solution be acidified with 
sulphuric acid. With the use of hydrochloric acid the break 
decreases with increasing acid concentration because of the 
formation of iodine chloride: 

2 I~ + IO 3 ' + 6H+ -f 3C1- 3IC1 + 3 H 2 O. 

When this reaction is complete a second jump in potential 
occurs even in solutions with a hydrochloric acid concentration as 
small as 0.4 N. Kolthoff was unable to confirm this statement, 
and he did not find a pronounced maximum at the point where 
ICl is formed quantitatively, even at higher acid concentra¬ 
tions. With the use of sulphuric acid, Muller and Junck found 
an inflection-potential of -f-0.652 against the N.C.E.^ 

Sulphite. —W. S. Hendrixson ^ studied the oxidation of sul¬ 
phurous acid with bromate, bichromate, and iodate. The 
amounts of bromate and bichromate are less than those required 
by theory for the complete oxidation to sulphate, to about the 
same extent as the results for permanganate. The discrepancy 
is attributed to the same cause, the formation of dithionic acid 
which resists further oxidation. On the other hand, iodate 
oxidizes sulphite completely to sulphate. It is recommended 
that the sulphite solution be added to that of the iodate. Two 
sharp breaks in potential occur at the completion of the reac¬ 
tions: 

2 I 03 ~ + SSOa- + 2H+ T±l 2 + 5504“ + H 2 O (1st break), 
and 

I 2 + S 03 "“ + H 2 O 2H+ -1- 2I~ + SO4"* (2nd break). 

The results were accurate when the iodate was 1 to 3 N with 
respect to sulphuric acid. 

*E. MtiUer and D. Junck, Z. Elektrochem., 81, 200 (1925). 

* On p. 205 of their paper, Miiller and Junck recommend an inflection-potential 
of 4-0.580 volt. 

• W, S. Hendrixson, J. Am. Chem. Soc., 47, 1319 (1925). 
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Thiocyanate. —^F. Fenwick ® applied the Andrews method for 
the oxidation of thiocyanate with iodateJ The reaction is: 

4CNS- + 6 IO 3 - + 6C1- + 8 H+ 5=4 

4 SO 4 - + 6IC1 + 4HCN + 2 H 2 O. 

Miss Fenwick used the polarized bimetallic system. She 
states: “ In a solution containing not less than 10 per cent by 
volume of concentrated hydrochloric acid, to prevent the hydroly¬ 
sis of iodine monochloride, the electrometric end-point in titra¬ 
tions with iodate is very sharp.” ... “ The initial potential is low, 
beginning to rise slightly about 0.4 cc. before the completion of 
the reaction. The final break is very sharp, about 250 milli¬ 
volts during the addition of 0.02-0.03 cc. of the titrating solu¬ 
tion. There is no further appreciable rise or fall; the usual fall 
with excess of oxidizing agent is absent.” . . . “The titration 
may te carried out more rapidly and accurately than with the 
usual chloroform indicator.” Probably the ordinary potentio- 
metric system will also give accurate results. 

•F. Fenwick, Dissertation, Ann Arbor (1922), p. 76. 

’^Andrews, J. Am. Chem. Soc., 26, 756 (1903); Jamieson, Levy and Wells, 
J. Am. Chem. Soc., 80, 760 (1908). 
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OXIDATION WITH POTASSIUM BROMATE 

The oxidizing action of bromate may be represented by the 
equation:^ 

Br03“ + 6H+ + 6 Br* + 3 H 2 O. 

Potassium bromate can be obtained in pure state by recrystal¬ 
lization from water and drying at 180®. 

Ferrous Iron: 

Br03~ + 6H+ + 6Fe++ Br^ + 3 H 2 O + 6Fe+++ 

I. M. Kolthoff^ used the potentiometric method for the titra¬ 
tion of ferrous iron with bromate. When the solution was 
acidified with hydrochloric acid a sharper break was obtained at 
the end-point than with the use of sulphuric acid. Although 
the odor of bromine is noticeable during the titration, the results 
are accurate to about 0.3 to 0.5 per cent. Phosphoric acid 
makes the inflection vague and should not, therefore, be used. 

Kolthoff originally used a platinized platinum electrode. 
Better results are, however, obtained if a bright platinum gauze 
electrode is used. In that case Kolthoff and Vleeschhouwer ^ 
found the addition of a catalyst such as cobaltous or mercuric 
chloride, as was proposed by Collenberg and Sandved,^ to be 
superfluous. In agreement with the latter investigators, Kolt¬ 
hoff and Vleeschhouwer found the best results at a hydrochloric 
acid concentration of 3 to 8 per cent. The inflection-potential is 
0.70 volt against the N.C.E. 

According to F. Fenwick (foe. ciL) the oxidation of ferrous 

1 CJ, LuUier and Sammet, Z. physik. Chem., 53, 641 (1905). 

* I. M. Kolthoff, Chem. Weekblad, 16, 457 (1919). 

* I. M. Kolthoff and J. J. Vleeschhouwer, Rec. trav. chim., 45, 923 (1926). 

^ C. Collenbezg and K. Sandved, Z. anorg. allgem. Chem., 149, 191 (1925). 
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iron by bromate is slow, but in the presence of a small amount of 
a cupric salt the velocity of the reaction is increased to such an 
extent that an excellent end-point is obtained. A high concen¬ 
tration of hydrochloric acid is necessary; about 15-20 per cent 
gives ideal results; the end-point is very sensitive. The mag¬ 
nitude of the break (bimetallic system) is not great—about 
30 to 40 millivolts—but the drop in potential with excess of 
reagent is more than usually distinct because of the formation of 
free bromine. 

Mislowitzer and Schaefer ^ determine iron in physiological 
liquids by reducing it with an excess of titanous chloride. The 
solution is then titrated with a standardized potassium bromate 
solution. The first break in potential indicates that the titanous 
ions have been oxidized to the quadrivalent state, and between 
the first and second breaks in potential the iron is oxidized to the 
ferric condition. 

Estimation of Sugars ,—Mislowitzer and Schaefer (loc. cit.) 
applied the titration of iron with bromate to the estimation of 
sugars. The determination is carried out in three stages: (l) 
Oxidation of glucose by a solution of copper sulphate, sodium 
hydroxide and sodium citrate; (2) oxidation of the cuprous oxide 
that is formed by a ferric salt in acid medium (HCl); (3) titration 
of the ferrous iron that is formed with bromate. 

Sugar in blood is determined in the same manner. The 
reader is referred to the original paper for details. 

Titration of Ferrocyanide .—Ferrocyanide may be titrated with 
bromate. According to Kolthoff and Vleeschhouwer,® accurate 
results are obtained if the solution contains no more than 0.01 N 
ferrocyanide, and a hydrochloric acid concentration of 3-5 per 
cent. Even at room temperature the potential becomes con¬ 
stant very soon, and a 0.001 N solution may be determined with 
an accuracy of 0.5 per cent. In the titration of 0.1 N solutions 
about 1 per cent excess of bromate is required before the jump 
in potential is obtained. This deviation has not been explained. 
Inflection-potential, 0.7 volt vs. N.C.E. 

• E, Mislowitzer and W. Schaefer, Biochem. Z., 168, 203 (1926). 

«I. M. Kolthoff and J. J. Vleeschhouwer, Rec. trav. chim., 46, 925 (1927). 
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Cuprous Copper: 

BrOs- + 6H+ +,6Cu^^ Br- + 3 H 2 O + 6Cu-^+ 

E. Zintl and H. Wattenberg’^ reduce the cupric solution 
with an excess of titanous chloride solution and titrate back with 
potassium bichromate or bromate. The excess of titanous salt 
is first oxidized: 

BrOs” + 6H+ + 6Ti+-^+ ^ Br” + 3 H 2 O + 6Ti++++, 
and then the cuprous salt. 

The amount of reagent required between the first and second 
jumps in potential corresponds to the copper content. The best 
results are obtained when the solution contains 4 to 8 per cent 
of hydrochloric acid and the titration is made at 80Air is 
removed by the passage of a stream of carbon dioxide. When 
the bromate or bichromate is not prepared in air-free water 
a correction is applied because 0.25 per cent too little reagent is 
used. (The correction will be dependent upon the dilution of the 
solution.) Ammonium salts have an interfering action; iron is 
titrated with the copper. When the titanous solution contains 
iron, as is usually the case, a correction has to be applied for the 
iron {cf, application of titanous salts, p. 359). Nitric acid also 
has a disturbing influence unless enough reagent is added to 
reduce it completely. Even in this case it requires a long time 
for the potential to become constant. 

Arsenic and Antimony: 

++ 

Br 03 ~ + 6H+ + 3AS+++ ^Br- + 3 H 2 O + 3As+++. 

According to Zintl and Wattenberg,® trivalent arsenic and 
antimony behave in the same way, and may be titrated with 
bromate at room temperature when the solution contains at 
least 5 per cent of hydrochloric acid. Inflection-potential in 
both cases, +0.78 volt (against N.C.E.). 

The potentiometric method may be applied with especial 

^E. Zintl and H. Wattenberg, Ber., 86, 3366 (1922). 

•E. Zintl and H. Wattenberg, Ber., 66, 472 (1923). Cf, also T. Nakazono 
and S. Inoko, J. Chem. Soc, (Japan), 47, 20 (1926); Chem. Abs.,^, 3662 (1926). 
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advantage to the titration of very dilute arsenious acid solutions 
where the ordinary indicator method does not give satisfactory 
results. 

Zintl and Betz® determined 0.0001 N AS 2 O 3 (0.018 mg. in 
10 cc.) with an accuracy of 1 per cent. The solution contained 
10 per cent of hydrochloric acid, which is the best concentration 
in these extremely dilute solutions. 

The method is very suitable for the determination of anti¬ 
mony in the presence of arsenic. The sum of the two elements 
is determined by bromate titration. Quinquivalent arsenic is 
only reduced with great difficulty, while the antimony is com¬ 
pletely reduced to the trivalent state by an excess of titanous 
chloride. The solution of the quinquivalent antimony, which 
must contain at least 5 per cent of hydrocWoric acid, is heated to 
boiling, and titanous chloride is rtm in until the potential of the 
bare platinum electrode is 0.3 volt (against N.C.E.). A few 
drops of 3 per cent copper sulphate are then added and the liquid 
is stirred in the presence of air until the potential has increased 
to 0.5 volt. At this point the excess of titanous solution has been 
oxidized; the process is accelerated by the presence of the copper 
salt. The antimony, now entirely in the trivalent state, is titrated 
with bromate. Under the conditions above described, arsenic 
is not reduced by the small excess of titanous chloride, if the 
excess is removed soon {cf. p. 362). Hence we may determine 
antimony in the presence of arsenic by this simple process.^® 
Iodide .—Hydriodic acid may be titrated directly with bro¬ 
mate solution in the presence of hydrochloric or sulphuric acid. 
In the former case, Kolthoff obtained the best results when 
the solution was 0.7 N with respect to HCl. Theoretical 
results were obtained. A disadvantage is that it takes a long 
time for the potential to become constant near the equivalence- 
point. The break is much smaller when bromide is present; 
yet Kolthoff obtained results which did not differ more than 0.2 

" E. 2Kntl and K. Betz, Z. analyt. Chem., 74, 341 (1928). 

Cf. £. Casper, Chem. Abs., 20 ,2130 (1926), on the application of the antimony 
titration in the analysis of white or antifriction metals. 

I. M. Kolthoff, Rec. trav. chim., 89, 211 (1920). 
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per cent from the theoretical value when the ratio I : Br was not 
larger than 1:5. W. S. Hendrixson ^2 titrated in the presence 
of at least 2 N sulphuric acid. The last drops of bromate solution 
must be added very slowly in order to avoid running past the 
end-point. According to Hendrixson the titration requires at 
least fifteen minutes merely to obtain the correct end-point, and 
much longer to construct the titration curve. The results are very 
concordant. He found a good potential break in hydrochloric 
acid solution, but it appeared too late (error, 1.2-*2.5 per cent). 
He therefore recommends the use of sulphuric acid. 

Titration of Thallous Solutions .—^Zintl and Rienacker titrate 
thallous salts with bromate in a medium that contains about 5 
per cent of hydrochloric acid. A large jump in potential occurs 
when the oxidation is complete (inflection-potential: 0.760 volt 
against N.C.E.), The titration may be made at room or more 
elevated temperatures. (C/. Kolthoff, Rec. trav. chim., 41, 172 
(1922).) 

Determination of Aromatic Compounds by Substitution with 
Bromine .—Callan and Horrobin^^ applied the potentiometric 
method to the detection of the end-point in the titration of aro¬ 
matic compoimds with bromate in the presence of bromide. The 
substance is dissolved in 100 cc. of water containing 15 cc. of 
concentrated hydrochloric acid; 10 cc. of 20 per cent potassium 
bromide are added, and the solution is titrated with i N potas¬ 
sium bromate. Accurate results are obtained in the determina¬ 
tion of aniline, £?-toluidine, m-toluidine, />-toluidine, phenol, 
j^-nitro phenol, dinitro phenol, and sulphanilic acid. In all cases 
the inflection-potential against N.C.E? is 0.64 volt. The Pink- 
hof-Treadwell method of titration may be applied if the reference 
electrode is dipped into a solution of 10 cc. of concentrated hydro¬ 
chloric acid, 10 cc. of 20 per cent potassium bromide, and 1 drop 
(0.05 cc.) of N/5 potassium bromate, and 80 cc. of water. 

The titration of resorcinol and R salt gives accurate results 
also, but the inflection-potential lies at 0.53 volt. 

“ W. S- Hendrixson, J. Am. Chem. Soc., 48, 1311 (1921). 

E. Zintl and G. RienUcker, Z. anoi^g. allgra. Chem., 168, 276 (1926). 

T. Callan and S. Horrobin, J. Soc. Chem. Ind., 47, 334 (1929). 
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S. D. Forrester and D. Bain used the bromo-potentiometric 
titration for the determination of |8-naphthol sulphonic acids 
in the presence of each other. The following procedure was 
recommended: To 50 cc. of the solution to be titrated were 
added 20 cc. of concentrated sulphuric acid (36 N) and the solu¬ 
tion was cooled; then 10 cc. of a 20 per cent potassiimi bromide 
solution were added and the whole was titrated at 30° with a solu¬ 
tion containing 5.567 g. of potassium bromate per liter. 

Under the conditions mentioned Schaeffer salt alone and R salt 
alone give excellent end-points, and also in the presence of G salt 
and crocein salt mixture. Monobrom compounds are formed. 

Pamfilov and Kisselva’® recommend the potentiomctric 
method for the titration of aniline with bromate or bromine. In 
working with bromate in acid solution, the bromination is some¬ 
what slower than in neutral medium with bromine; moreover the 
jump in potential is less pronounced; yet good results are ob¬ 
tained. For the titration of dilute solutions of aniline the use 
of free bromine (in neutral solution) is preferred. (The authors 
suggest the use of hypobromite instead of bromine.) 

S. D. Forrester and D. Bain, J. Soc. Chem. Ind.-, 49, 410, 423 (1930), 

A. V. Pamfilov and V. E. Kisselva, Z. analyt. Chem., 72, 100 (1927), 
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TITRATION WITH OTHER OXIDANTS 

Use of HypoMorite in Determination of Sulphite, —^Hypo¬ 
chlorite oxidizes sulphite to sulphate; 

CIO- + S03“ Cl- + 804“ 

Bechler ^ has applied this reaction potentiometrically. 
The magnitude of the break decreases with increasing alkalinity. 
A good end-point is obtained in a suspension of magnesium 
hydroxide and the method may therefore be used for the deter¬ 
mination of sulphur dioxide in gases that contain carbon dioxide. 
Inflection-potential, +0.32 volt (against N.C.E.). In the 
authors’ opinion there is danger of volatilization of hypochlorous 
acid when the gas which is to be tested is passed through the 
solution. 

The Application of the Potentiometric Method in the Technical 
Preparation of Hypochlorite, —^E. Miiller ^ has made a very 
promising application of the potentiometric method in the tech¬ 
nical preparation of solutions of calcium hypochlorite and 
sodium hypochlorite. The latter solution has distinct advan¬ 
tages over the calcium salt solution, because the calcium salt 
may be taken up by cotton which is being bleached and later 
cause stains. 

When chlorine is passed into a sodium hydroxide solution, 
a solution of high sodium hypochlorite content is obtained. 
The solution is most eflicient in action when equivalent amounts 
of alkali and hypochlorous acid are present. When such a solu¬ 
tion bleaches fabric no acid is formed; on the other hand, the 

^Bechler, Dissertation, Dresden (1922); c/. E. MUller, Die dektrometrische 
Massanalyse, 2d Ed., p. 141. 

> E. Mtiller, Z. Elektrochem., 81, 323 (1925), 
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solution is not so alkaline as to give a rapid decomposition into 
chlorate. We can not use an add-base indicator in the preparation 
of such an “ equivalent ” hypochlorite solution because the indi¬ 
cator is destroyed by the oxidant. The potential of an unattack- 
able electrode, however, serves as an indicator. The potential 
of a hypochlorite electrode is dependent upon the hydrogen-ion 
concentration of the liquid: 


and 


CIO- -t- 2H+ -i- 2 e Cl- 4- HaO, 


E = 8o -|- 


0.0591, [C10-][H+]2 

2 [C1-] 


(25°). 


When a hypochlorite solution is prepared from sodium 
hydroxide and chlorine we have at the equivalence-point: 


[CIO-] = [C1-], and E = eo -f 0.0591 log [H+j. 

We see that near the equivalence-point the electrode changes 
its potential in the same manner with hydrogen-ion concentra¬ 
tion as the hydrogen electrode; there will be a break in potential 
at the eqtiivalence-point. 

With a platinum electrode the potential is not definite 
before chlorine is passed into the solution; the electrode acts as 
an air electrode. Upon the addition of a little chlorine the more 
positive hypochlorite potential is established and remains 
almost stationary until the equivalence-point is approached, 
when a sharp break occurs. The potential depends up)on the 
shape and material of the electrode; a higher potential is found 
with a wire than with a foil. If a platinum gauze is used the 
inflection-potential lies at -fO.72 volt (against N.C.E.). By 
titrating to this point Muller obtained the following results: 


Initial Concentration 

Final Concentration 

of NaOH 

of NaOH 

2.945 N 

0.035 N 

2.875 N 

0.050 N 

2.825 N 

0.040N 

9.025 N 

0.052 N 
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Hence, there is still a small excess of free sodium hydroxide at the 
equivalence-point. 

Although the Muller system, in which the inflection-potential 
is used, yields good results, Muller attempted to devise a simpler 
method for technical use. The bimetallic system was not sat¬ 
isfactory for this purpose, although a carbon electrode in alkaline 
hypochlorite solution is much more positive (about 0.5 volt) than 
one of platinum or palladimn. 

Muller prefers the use of a retarded ’’ electrode. When 
the carbon electrode and a metal (gold or platinum) electrode 
having a potential lower than that of carbon are dipped into 
sodium hydroxide, it is possible, by wrapping the metal elec¬ 
trode with asbestos cord, to cause the hypochlorite that is formed 
to come into contact with the two electrodes at different rates. 
The covered, or retarded, electrode attains its values more 
slowly than the other. At the equivalence-point the carbon 
electrode has its final value, whereas the covered metal elec¬ 
trode has a value which corresponds to a more alkaline solution. 
Hence such a combination of electrodes gives zero deflection 
of a galvanometer when the end-point is reached. 

Instead of a galvanometer, Muller uses a millivoltmeter of 
372 ohms internal resistance. With zero deflection of the volt¬ 
meter he foimd that the alkalinity of the liquid was 0.2, 0.02, 
and 0.15 N. Although the method is very simple it has imcer- 
tainties, as may be seen from the changing end-concentrations of 
sodium hydroxide. The results are dependent upon the rate 
at which the chlorine is passed in, and the extent of insulation 
of the retarded electrode. Hence the use of the method involving 
inflection-potential is to be preferred, and the use of the retarded 
electrode is not recommended. 

The most practical device consists in the use of the Pinkhof 
system, with platinum foil as indicator electrode and a similar 
electrode which is placed in an “ equivalent ’’ solution of sodium 
hypochlorite. The latter is not easily obtained. Therefore in 
place of it Muller advises the use of calcium chloride mixed with 
milk of lime. He describes the apparatus as follows: 

It consists of a glass tube, A, with a wide flattened portion, B. 
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This portion has an indentation in its periphery, in which the 
tight-fitting rubber ring, R, is placed. The clay cell, T, fits 



snugly over the ring. (A one-hole rubber 
stopper may be used instead of the enlarge¬ 
ment, B, and the rubber ring.) Two pieces 
of platinum foil, Pi, P 2 , are fastened 
firmly to the glass tube above and below 
the enlarged portion, B, respectively. 
Electrical connection with these foils is 
made by platinum wires sealed through 
the glass tube, A. One end of each wire 
is welded to a foil (Pi or P 2 ), the other 
to a copper lead-wire (Di or D). The 
interior of the tube. A, may be filled 
with paraffine, or other insulating ma¬ 
terial. 

The lower foil, P 2 , serves as a refer¬ 
ence, the upper as an indicator electrode. 
The whole device is as easily manipulated 
as a thermometer. The clay cell, T, is 
filled with milk of lime and calcium chlo¬ 
ride. If hypochlorous acid should pene¬ 
trate the cell T, it would be neutralized 
by the lime (which is present in excess). 
On the other hand, any sodium hydroxide 
which might enter would not increase the 
hydroxyl-ion concentration materially be¬ 
cause of the buffering action of the calcium 
chloride. 

As this immersion cell gives a rather 
large current, a relatively insensitive milli-' 
voltmeter or galvanometer may be used. 
It is better, however, to use a more sensi- 


Fig. 71 .— Muller immer- tive instrument, with suitable resistance 


sion electrode (hypochlo¬ 
rite manufacture). 


interposed, in order to prevent polariza¬ 
tion of the cell. 


Potentiometric Titration of Cyanide with Halogens. —Chlorine, 
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bromine, and iodine react with the cyanide ion to form halogen 
cyanide: 

X 2 + CN- ?:± CNX + X- 
where X is halogen. 

If the reaction proceeds quantitatively, left to right, there will 
be a jump in potential when all of the halogen is transformed into 
halogen and cyanide. Since chlorine is the strongest oxidant 
the jump will be greatest in titrating with chlorine and least with 
iodine. According to E. Muller and A. Schuch ^ the inflection- 
potential in the titration with chlorine is not the same as in the 
reverse titration. The authors suggest that this may be due to 
a partial oxidation of cyanide to cyanate. 


Inflection-potential Against Normal Calomel Electrode 


Reactions 

Starting W^ith 

Halogen 

KCN 

CI 2 -f CN-?::± CICN + Cl- 
Br 2 + CN-;^ BrCN H-Br" 
l2 + CN-?:±ICN-hI- 

-f 0.560 
-f 0.580 
-fO-210 

-f 0.790 
+0.580 
+0.220 


The titration is not of much importance from an analytical 
point of view. The potentiometric method, however, is a rapid 
and convenient means of preparing a solution of halogen cyanide. 
Muller and Schuch describe a practical arrangement for this pur¬ 
pose, 

Hypobromite as Reagent, Preparation and Stability of Hypo- 
bromite, —(See Kolthoff’s Volumetric Analysis II, p. 468.) 

It is preferable to use h 3 q)obromite instead of free halogen 
for oxidations in neutral and alkaline medium by bromine, since 
the former is not volatile. The h 3 q)obromite solutions may be 
standardized against arsenious oxide. 

Titration of Arsenious Oxide, —^The hypobromite-arsenite 
titration gives accurate results even in extremely dilute solutions. 

< E, MtiUer and A. Schuch, Z, Elektrochem., 81, 332 (1925). 
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The inflection-potential and the magnitude of the jump depend 
upon the alkalinity of the solution; the break decreases with 
increasing hydroxyl-ion concentration. Kolthoff and Laur ^ 
found the following inflection-potentials against the N.C.E. in 
the titration of 25 cc. of 0.1 N sodium h 3 ^obromite in 0.5 N 
sodium hydroxide under different conditions; 

E 

25 cc. 0.1 N NaOBr (in 0.5 N NaOH) +0.18 volt 
25cc. 0.1N+ 2g. NaHCOi +0.12 volt 

25cc. 0.1N+ Ig. NaHCOi -0.06 volt 

25cc;o.lN+ See. 4 N NaOH -0.16 volt 

25 cc. 0. 1 N + 20 cc. 4 N NaOH —0.20 volt 

They were able to titrate 0.001 N solutions of arsenious oxide 
with an accuracy of 1 per cent. 

According to Willard and Fenwick ^ the titration gives an 
excellent end-point both with mono- and bimetallic electrode 
systems. 

Thiosulphate ,—^According to Kolthoff and Laur iloc. cit,), 
thiosulphate is oxidized quantitatively according to the equa¬ 
tion: 

8203 “ “h 4BrO““ -f* 20H"“ = 2804 "“ -f- H 2 O + 4Br“‘. 

The solution must contain enough sodium hydroxide to make the 
concentration at least 1 N, otherwise thionic acids and sulphate 
are formed. 

Thiocyanate ,—According to Kolthoff and Laur, thiocyanate 
is oxidized quantitatively to sulphate and cyanate in strongly 
alkaline medium: 

HCNS + 40 + H2O = H2SO4 + HCNO. 

In a preliminary investigation they found that sulphide, 
hydrazine, and hydroxylamine can be titrated potentiometrically, 
using hypobromite as a reagent. 

Sulphite is quantitatively oxidized to sulphate. 

Iodide ,—See p. 347 (imder Arsenious Oxide 

^I. M. Kolthoff and A. Laur, Z. analyt. Chem., 78, 177 (1928). 

• H. H. WiUard and F. Fenwick, J. Am. Chem. Soc., 45, 631 (1923). 
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Ammonia ,—Hypobromite oxidizes ammonia according to the 
equation: 

2 NH 3 + 3NaOBr = 3NaBr + N 2 + 3 H 2 O. 

In order to avoid loss of ammonia, an excess of hypobromite 
is added to the solution, and titrated back with arsenious oxide 
solution. Kolthoff and Laur {loc, ciL) foimd that the oxidation 
not only leads to the formation of nitrogen, but that a small 
part is always oxidized farther to nitrite. The error is of the 
order of 2 per cent, but is somewhat dependent upon the alkalinity 
of the solution. The deviation is of the same order in 0.001 N 
solutions {cf,f also, Kolthoff-Furman, Volumetric Analysis II, p. 
469). 

Titrations with or of Iodine .—lodometric titrations may be 
carried out potentiometrically. The inflection-potential depends 
upon the iodide and iodine concentration of the solution. The 
potentiometric method is of distinct advantage in the titration 
of very dilute solutions. G. Oesterheld and P. Honegger ® have 
applied the method to the determination of copper: 

2Cu++ + 41- 2CuI + I 2 
I 2 + 25203*" ^ S 4 O 6 "* + 21'”. 

According to Pring and Spencer ^ tKe dead-stop end-point 
as described by Foulk and Bawden® is very suitable for the 
iodometric titration of copper. Good results are obtained with 
solutions as dilute as 0.004 N. It is desirable to acidify the copper 
solution with acetic acid. The method gives good results in the 
presence of nickel, bismuth, aluminum, zinc, silver, lead, and 
stannic tin. Ferric iron can be made harmless by the addition 
of a sufficient quantity of sodium pyrophosphate {cf. Volumetric 
Analysis II, p. 428). C. S. Robinson and O. B. Winter® have 
studied the potentiometric titration of sulphite with iodine, in 
bicarbonate medium. 

• G. Oesterheld and P. Honegger, Helv. Chim. Acta, 2, 410 (1919), 

^ M. E. Pring and J. F. Spencer,.Analyst, 375 (1930). 

• Foulk and Bawden, J. Am. Chem. S^., 48, 2045 (1926). 

• C. S. Robinson and O. B. Winter, Ind. Eng. Chem., 12, 775 (1920). 
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Details of these methods are omitted because in most prac¬ 
tical cases the usual iodometric method will be used. 

In the titration of iodine with thiosulphate or arsenite or the 
reverse titration, the dead-stop end-point method of Foulk 
and Bawden may be recommended {cf. p. 122). A potential 
of 10-15 millivolts should be applied between the electrodes, 
and a motor-driven stirrer should be used. The method gives 
correct results in very dilute solutions, whereas with ordinary 
titrations a correction must be applied for the sensitivity of 
the iodine-starch reaction. 

The dead-stop end-point may be applied without using a 
battery if the simple system shown in Fig. 72 is used. If two 
vessels, one containing dilute and the other concentrated potas¬ 
sium iodide solutions, are con¬ 
nected by a salt bridge, and the 
electrode circuit is connected to 
a galvanometer as shown in Fig. 
72, the vessel containing the 
weaker solution can be used for 
iodimetric titrations because the 
concentration cell formed by the 
two iodide solutions gives a suffi¬ 
cient potential for the purpose of producing the dead-stop end¬ 
point. The anode in the stronger solution remains permanently 
depolarized and the cathode in the weaker solution is polarized 
in the presence of thiosulphate or arsenite, and depolarized if 
iodine is present. 

The still simpler system proposed by Furman and Wilson 
may also be used to good advantage in iodometric titrations. 

Hydrazine may be titrated with iodine in neutral solution in 
the presence of a phosphate buffer in an atmosphere of carbon 
dioxide.^^ 

Hydroquinone .—According to Kolthoff hydroquinone can be 

N. H. Funnan and E. B. Wilson, Jr., J. Am. Chcm. Soc., 60, 277 (1928); <jf. 
also p. 106. 

“ E. C. Gilbert, J. Am. Chem. Soc., 46, 2648 (1924). 

I. M. Kolthok, Rec. trav, chim., 45, 745 (1926). 



Fig. 72.—Simplified dead-stop 
method. 
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titrated very accurately with iodine at low acidity. A blank 
platinum gauze electrode is used; the electrode is cleaned and 
ignited after each titration. 

Procedure: To 25 cc. of hydroquinone solution are added 
about 25 cc. of water, 2 drops of 4 N hydrochloric acid and 1~2 g. 
of sodium carbonate, and the titration is started. The liquid is 
stirred during the titration and the potential is soon constant. 
The end-point can be detected with an accuracy of 0.02 cc. of 
0.1 N iodine. Inflection-potential: +0.15 volt against N.C.E. 
under the conditions given. 

Titration with Ferric Salts. The Potentiometric Titration of 
Fluorides. —A. Gruff,applied the fact that ferric ions combine 
with fluoride to form a complex in the titration of fluoride: ^ 

OF*” + Fe"*"^*^ FeFe®. 

According to W. D. Treadwell and A. Kohl the method does 
not give reliable results. They therefore attempted to detect 
the end-point by the potentiometric method. 

Since ferrous ion does not form a complex with fluoride, the 
ferrous-ferric electrode will serve for the titration of fluoride. 
Treadwell and Kohl used a platinized electrode; in other respects 
the apparatus was as described on p. 98. In agreement with 
Gruff, they found it necessary to saturate the solution with 
sodium chloride in order to obtain concordant results. The use 
of more soluble salts like sodium perchlorate or bromide had no 
advantages. Potassium chloride may be used in place of the 
sodium salt. The greatest jumps in potential were obtained 
when the solution contained SO per cent of alcohol. The addition 
of about 1 per cent of ferrous chloride is recommended in order 
to establish steady potential values at once. 

Neutral solutions are very susceptible to atmospheric oxida¬ 
tion, Presumably this is due to the use of platinized platinum, 
which is an excellent catalyst for oxidation by air. The use of 
a smooth platinum electrode is therefore suggested. The plat¬ 
inized electrode gives good results if the titration is carried out 

« A. Gruff, Ber., 46, 2511 (1913). 

W. D. Treadwell and A. Kdhl, Hclv. Chim. Acta, 8, 500 (1925). 
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in an atmosphere of carbon dioxide. Before the titration the 
fluoride solution, in a platinum dish, is neutralized, phenol- 
phthalein being used as indicator. The solution should be as 
concentrated as possible. The liquid is transferred to the titra¬ 
tion flask, a minimum amount of wash-water being used. After 
saturation wiih sodium chloride, an equal volume of alcohol is 
added to the solution. The volume must not be greater than 
100 cc, A brisk stream of carbon dioxide is now passed through 
the solution to remove air and to provide the requisite slight 
acidity. 

The reagent is 0.1 N ferric chloride solution, to which about 
1 p^ cent of ferrous chloride is added. If the end-point is to 
be snarp the solution may not be more acid than a 0.001 N HCl 
solution. 

The authors conclude from the data of Treadwell and Kohl 
that the accuracy of this titration is not very high. Even in 
the titration of 10 cc. of 0.1 N fluoride the uncertainty in the 
result seems to be of the order of 4 to 5 per cent. Treadwell and 
Kohl state that amounts as small as 5 mg. of fluoride may be 
determined with an accuracy of 0.5 mg. But this is a relative 
error of 10 per cent. On the other hand, it should be remarked 
that there are no simple methods for the titration of fluoride, and 
therefore if a high order of accuracy is not required the method 
of Treadwell and Kohl may be recommended. 

Ferric Chloride in the Determination of Tin, —^J. Pinkhof^^ 
obtained irregular results in titrating stannous solutions with 
ferric chloride, in hydrochloric acid solution. According to 
Kolthoff’s experiments the method yields good results when the 
air is removed by an indifferent gas. 

Cupric Solution in Sugar Determinations. —^W. L. Daggett, 
A. W. Campbell, and J. L. Whitman add the reducing-sugar 
solution slowly to boiling Fehling’s solution and read the voltage 
between platinum and calomel electrodes after each addition. 
They found a characteristic titration curve which they did not 

J. Pinkhof, Dissertation (1919), (Amsterdam), p. 48. 

W. L. Daggett, A. W. Campbell, and J. L. Whitman, J. Am. Chem. Soc., 4ft, 
1043 (1923). 
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reproduce in their paper. They mix 10 cc. of copper solution 
(17.45 g. per liter), 10 cc. tartrate solution (with 50 g. NaOH 
per liter) and 50 cc. of water. This mixture requires 10.05 cc. 
of 1 per cent glucose solution. At the beginning of the titration 
the galvanometer deflection does not change rapidly, but just 
before the end-point a sharp break begins. These authors do 
not give many details. 

Chloramine T: CH 3 < ^ ) >S02N<^p)^ 3 H 2 O. 

This substance has been used as a disinfectant in recent years 
because it has a strong oxidizing action. It may be obtained 
in the pure state by recrystallization from water. K<]|thoff 
(unpublished results) has employed it in the titration of iodides 
with highly accurate results. Ferrous iron was not readily oxi¬ 
dized. The authors would suggest that chloramine T may be 
used in the potentiometric titration of many reducing agents, 
especially in neutral or feebly alkaline solutions. 



CHAPTER XV 


APPLICATIONS OF THE FERRI-FERROCYANIDE 
ELECTRODE 


According to the equation: 

Feoc= Feic“+ © 

the potential of a ferri-ferrocyanide mixture will be represented 
E-c.+ 0.059 log j^j. 


It is evident from data in the literature, however, that the 
potential of the ferri-ferrocyanide electrode is also dependent 
upon the salt concentration, and to a very special extent upon 
the hydrogen-ion concentration. The latter effect may be 
partly explained by the fact that hydrogen ferrocyanide is a 
much weaker acid that hydrogen ferricyanide. According to 
Schoch and Felsing,i the potential depends on the concentration 
of potassiiun ion as follows: 


E = Go + 0.0591 log 


[Feic][Ki^ 

[Feoc] 


(25°) 


where * varies from 0.725 to 0.75. 

According to measurements of Kolthoff* the potential de¬ 
pends upon the hydrogen-ion concentration in the following way: 


E = eo' - 0.0591 log [HClp-^z. 


Schaum, Z. Elektrochem., 6, 316 (1899); Schaum and v. d. Linck, Z. 
Elektiochem., 9,406 (1903); Lewis and Sargent, J. Am. Chem. Soc., 81,355 (1909); 
E. Midler, Z. physik. Chem., 88, 46 (1914); Schoch and Felsing, J. Am. Chem. 
Soc., 88, 1928 (1916); Fredenhagen, Z. anotg. Chem., 89, 398 (1902). 

> I. M. KolthofE, Chem. Weekblad, 16,1406 (1919). 
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Hence the oxidizing action increases with the acidity of the solu¬ 
tion. 

The large influence of salts upon the potential of the ferri- 
ferrocyanide electrode is readily explained by the modern theory 
of strong electrolytes, which postulates that the potential is a 
function of the activity and not of the concentration of the ion. 
The ratio of the activity coefficients of the ferri- and ferro- 
cyanide ions increases very much with the ionic strength, since 
the ferricyanide ion is trivalent and the ferrocyanide quadri¬ 
valent. 

From the above it is evident that it is difficult to calculate 
inflection-potentials when working with the ferri-ferrocy^de 
electrode, because the potential is altered by the conditions 
under which we work. 

Two kinds of applications may be made of the Feic-Feoc 
electrode: 

A: Ferricyanide is used as an oxidant. 

B : Ferrocyanide is used as a precipitant (its reducing action 
can not be readily applied). 

A, Oxidation with Ferricyanide 

Titration of Chromium (Cr ”).—In strongly alkaline solutions 
chromic ion is oxidized by ferricyanide according to the equation: 

Cr+++ -h 3Fe(CN)6= + 8 OH* = Cr04“ + 3Fe(CN)6^ + 4 H 2 O. 

Even in strongly alkaline solutions the reaction is rather slow. 
Hahn^ foimd, however, that traces of thallium accelerate the 
reaction enormously, so that a chromic salt may be titrated 
directly with a standardized potassium ferricyanide solution. 
A large jump in potential occurs at the equivalence-point. 

Solutions Required, —One-tenth normal potassium ferri¬ 
cyanide. According to Kolthoff, the potassium ferricyanide can 
be obtained in a pure state by recrystallization from water and 
drying at about 70"^ C. 

Sodium hydroxidef 50 per cent. Five himdred grams of sodium 
hydroxide and 50 g. of potassium chloride are dissolved in 500 cc. 

> F. L. Hahn, Z. angew. Chem., 40,351 (1927); also 00,666 (1926). 
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of water, and the solution is oxidized on the water bath with 
ferricyanide solution until the color is a yellow red. By heating 
several hours on the water bath or a short time over a free flame 
the excess of oxidant is destroyed. 

Thallium sulphate (or nitrate or chloride) which contains 
0.1-1 mg. in 1 cc. Kept in a dropping bottle. 

Analysis ,—The liquid which contains the chromic salt must 
not be too dilute in order not to use too much sodium hydroxide. 
An excess (not specified by Hahn) of the warm sodium hydroxide 
solution is added to a suitable volume of chromic solution, until 
the platinum electrode dips into the solution; then several drops 
of thallium salt are added and the titration is made with ferri¬ 
cyanide solution. Then end-point can be detected with an 
accuracy of 1 drop of reagent. Inflection-potential, 0.00 volt. 

If by chance an excess of reagent is added it can be titrated 
back with a standardized chromic salt solution. Because of the 
presence of the potassium chloride in the sodium hydroxide solu¬ 
tion the jump in potential at the equivalence-point becomes 
larger. 

It should be realized that the plugs of filter paper which are 
used in the siphon connecting the liquid and the standard half¬ 
cell are changed gradually into layers as hard as stone by the 
strongly alkaline solution; these have an enormous resistance 
and prevent a sharp potential reading. Therefore they must be 
renewed often, or replaced by glass filter plates, such as Hahn 
uses in his calomel electrode (c/. p. 81). 

Vanadyl Salts .—In alkaline medium vanadyl ion is oxidized 
to vanadate by ferricyanide:. 

VO-^+ + Fe(CN)6" + 40H-=V03"’ + Fe(CN)6= + 2 H 2 O. 

According to del Fresno and Vald6s ^ the titration may be carried 
out at room temperature if the solution is made alkaline with 
sodium hydroxide. If ammonia, sodium carbonate, or borax are 
used instead, the titration should be carried out at 70® C. In 
all cases air should be excluded, and oxygen-free nitrogen must 
be bubbled through the solution. 

< C. del Fresno and L. Valdes, Z. anorg. allgem. Chem., 188,251 (1929). 
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Hydrosulphite, —^The reaction is: 

S 2 O 4 - + 2Fe(CN)6‘= + 40H~ = 2 SO 3 - + 2Fe(CN)6^ + 2 H 2 O. 

According to del Fresno and Valdes (}oc. cit) the titration has 
to be made in alkaline solution in the absence of air. Nitrogen 
freed from oxygen is passed through the solution, which has 
been made alkaline with sodium hydroxide. 

Sn ^.—The titration of stannous tin has to be 
carried out in a current of nitrogen, free from oxygen; trivalent 
arsenic or antimony may be titrated in the presence of air. In all 
cases the solution should be made strongly alkaline ® by adding 
40 cc. of 50 per cent sodium hydroxide to 10 cc. of solution. 
Inflection-potential against N.C.E.: Tin, —0.45 volt; antimony, 
—0.254 volt; arsenic, —0.160 volt. 

Titration of Cerium. —The normal potential of the system 
— Ce+"‘‘++ is largely dependent on the hydrogen-ion 
concentration of the solution. In 50 per cent potassium car¬ 
bonate it is equal to +0.063 volt; in acid medium, +1.6 volt 
referred to the normal hydrogen electrode. {Cf. E. Bauer and 
A. Glaessner.®) Hence even the most powerful oxidizing agents 
are not able to oxidize trivalent cerium in acid solution. There¬ 
fore O. Tomicek ^ has made use of oxidation in alkaline medium, 
with ferricyanide. P. E. Browning and E. Palmer® had em¬ 
ployed this method for ordinary titration, while Tomicek studied 
its adaptation from the potentiometric standpoint. 

The ferricyanide oxidizes the soluble potassium-trivalent 
cerixun complex carbonates. An important fact is that none of 
the other rare earth or thorium salts are oxidized under these 
conditions, and trivalent iron is unaffected. 

The following reaction takes place: 

Fe(CN)6- + Ce+++ ^Fe(CN)6^ + Ce++++ 

The concentration of potassium carbonnte must not be less 
than 20 to 25 per cent at the end of the reaction; otherwise 

* C. del Fresno and L. Vald^, Z. anoig. allgem. Chem., 183, 258 (1929). 

•E. Bauer and A. Glaessner, Z. Elektrochem., 9, 534 (1903). 

Tomi^k, Rec. trav. chim., 44, 410 (1925). 

* P. E. Browning and £. Palmer, Z. anorg. Chem., 59, 71 (1908). 
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powdery precipitates are formed during the titration and the 
results are low. 

Tomicek advises the following procedure: About three- 
fourths of the necessary amount of potassium ferricyanide is 
first added to the solution to be titrated, and carbon dioxide is 
passed through until all air is expelled. A strong potassium 
carbonate solution (about 50 per cent) is poured in, with con¬ 
tinual stirring, until the solution contains about 30 per cent of 
carbonate. The titration is then completed in the usual way. 
The potential of the bright platinum electrode changes in a very 
regular way, rapidly assuming a steady value after each addition 
of oxidant. The inflection-potential depends on the carbonate 
concentration, being shifted towards more negative values as the 
carbonate concentration increases. In 24 per cent carbonate 
solution the inflection-potential is ■+• 0.050 volt (against N.C.E.); 
in 48 per cent solution, -|-0.030 volt; in 55 per cent solution, 
-f-0.005 volt. The results are exact to within 0.1-0.2 per cent. 
Tomicek has applied the method to perocide (residue from mon- 
azite sand, containing cerium and cerite earths and sulphates) 
and to a pyrophoric iron alloy. 

Titration of Titanous Solutions {cf, p. 371), 

Titration of Iodide ,—The well-known iodometric titration of 
ferricyanide with iodide may be applied as a potentiometric titra¬ 
tion, and according to E. Muller ® it gives good results when the 
following procedure is used: an excess of zinc sulphate is added 
to the solution to be titrated and the ferricyanide is run in. After 
one to two minutes the electrode potential is constant. Inflection- 
potential, 0,54 volt (against N.C.E.). Since the reaction is rather 
slow near the end-point the application of the Muller system is 
dangerous. The zinc sulphate is added to accelerate the reac¬ 
tion between ferricyanide and iodide: 

2Fe(CN)6- + 21- ^l 2 + 2Fe(CN)6=. 

The zinc forms a double salt with the ferrocyanide, K 2 Zn 3 (Feoc) 2 , 
which is much less soluble than zinc ferricyanide. Accordmg 
to Muller, the results are accurate. 

’ E. Muller, Z. anozg. aligem. Chem., 186,265 (1924). 
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The reverse titration, that of ferricyanide, mixed with zinc 
salt, with iodide, is impracticable. 

Titration of Hemoglobin ,—According to J. B. Conant,^*^ 
hemoglobin is oxidized to methemoglobin by ferricyanide. The 
normal potential of the hemoglobin-methemoglobin electrode 
system depends upon the hydrogen-ion concentration. Conant 
gives the following table: 



Potential 

Pn 

Referred to N Ha Electrode 

6.8 

4-0.092 (±0.022) 

8.5 

4-0.115 (±0.011) 

9.63 

-0.016 (±0.040) 

11.3 

-0.025 (±0.050) 


B, Titration with Ferrocyanide as a Reagent 

Many metals form slightly soluble ferrocyanides. As we 
have seen, the potential of the ferri-ferrocyanide electrode depends 
upon the ratio [Feic] : [Feoc]. Now if we titrate a metal solution 
with ferrocyanide solution, containing a little ferricyanide,^^ 
the Feoc is removed until all of the metal is precipitated and the 
potential of the electrode is strongly positive. At the equiva¬ 
lence-point the ferrocyanide concentration increases rapidly, and 
a sharp fall in potential occurs. 

Unfortunately, the method is limited in application because 
some metals give precipitates of inconstant composition. 

The potassium ferrocyanide is readily purified by recrystal¬ 
lization from water and drying over deliquescent calcium chloride 
(CaCla-61120, saturated solution) in a desiccator. At constant 
weight the composition of the salt is K 4 Fe(CN) 6 -31120. A lAr 
molar solution in water containing 1 per cent potassium ferri¬ 
cyanide is a suitable reagent. Kolthoff’s experience shows that 
the solution is stable for a long time when protected from direct 
sunlight by being placed in a dark brown glass bottle and pre¬ 
pared in water. Addition of 0.2 per cent of sodium carbonate 
is to be recommended. 

10 J. B. Conant, J. Biol. Chem., 57, 401 (1923). 

11 Galetti, Bull, soc, chim., 2, 83 (1864); Z. anal 3 rt. Cbem., 4, 213 (1865). 
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Titration of Zinc: 

3Zn++ + 2Feoc^ + 2K+ K 2 Zn 3 (Feoc) 2 . 

The ordinary titration method of Galetti {loc, cit.), improved by 
de Koninck and Frost,which involves the use of uranyl salt 
as external"indicator (spot plate), is inaccurate in dilute solution. 
Therefore Knauth suggested that the titration might be made 
by the potentiometric method. This was confirmed quite inde¬ 
pendently by F. R. von Bichowsky.^^ G. Hedrich made a 
special study of this titration, and concluded that the method 
gave highly accurate results. This was not confirmed by Kolt- 
hoff,^^ who found that the potential break occurred before the 
equivalence-point was reached. 

Fr. Muller repeated a part of the work of Hedrich and 
found a deviation of -j-0.2 per cent to —0.3 per cent from the 
theoretical at room temperature and at 75°. As the zinc titra¬ 
tion is of great practical importance, I. M. Kolthoff and E. J. A. 
VerzijP® made a special study of the absolute accuracy of 
the method, and confirmed Kolthoff’s former results. The 
titration may be made at room temperature or at 65°. In the 
latter case the titration can be finished in a shorter time than at 
room temperature, although in all cases the potential reaches 
a constant value very slowly near the equivalence-point. 
With an excess of ferrocyanide the potential reaches constancy 
much more rapidly, and hence in some cases it might be advan¬ 
tageous to add an excess of ferrocyanide and titrate back with 
zinc solution. 

The direct titration of zinc with ferrocyanide requires at 
least half an hour even at 65°. E. Muller and K. Gabler^® 

“ de Koninck and Prost, Z. angew. Chem., 9, 460, 564 (1896). 

” Knauth, Dissertation, Dresden (1915). 

^*F. R.von Bichowsky, J. Ind. Eng. Chem., 9, 668 (1917). 

G. Hedrich, Studien zur elektrometiischen Titrationen von Zink, u. s. w,, 
Dissertation, Dresden (1919). 

*•1. M. Kolthoff, Rec. trav. chim., 41, 425 (1923). 

Fr. Muller, Z. anorg. Chem., 128, 126 (1923). 

I. M. Kolthoff and E. J. A. VerzijI, Rec. trav. chim., 42,380 (1924). 

E. Mailer and K. Gkbler, Z. analyt. Chem., 92,29 (1923), 
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recommend that the titration be carried to an inflection-potoitial 
of +0.30 volt. Since the reaction is slow near the equivalence- 
point the danger of over-titrating is very great; another disad¬ 
vantage is that the inflection-potential is very dependent upon 
the composition of the solution. Acids decrease the break at 
the end-point. 

With regard to the accuracy of the titration, Kolthoff and 
Verzijl (foe. cU.) found the following values in the titration of 
100 cc. of 0.1 N zinc sulphate: 


Accuracy of the Zinc Titration 


Temperature During 
Titration 

Electrolyte Added 

Error in Per Cent of 
Cubic Centimeters 
of Required Reagent 

15“ 


-1.04 

65“ 


-0.9 

15“ 

0.12 N sulphuric acid 

-0.77 

65“ 

r 0.12 N sulphuric acid 1 

\ -f 3 g. potass, sulphate / 

-0.4 

65“ 

5 g. potass, sulphate 

-0.45 

15“ 

10 g. ammonium chloride 

-2.25 

65“ 

10 g. ammonium chloride 

-0.8 

15“ 

20 g. ammonium sulphate 

-0.05 

65“ 

20 g. ammonium sulphate 

-1.15 


It may be concluded from these results that the error is about 
— 1 per cent in neutral solution at room temperature, or at 65°. 
Addition of potassium sulphate improves the result; theoretical 
results are obtained when a large amount of ammonium sulphate 
is added and the titration is carried out at room temperature. 
The long time required is a disadvantage in this case. At 65° 
the ammonium sulphate causes an error of —1.1 per cent. 

In agreement with Hedrich (foe. off.) Kolthoff and Verzijl 
(foe. cU.) found the influence of ammonium chloride to be very 
peculiar. At room temperature it causes an error of —2.2 per 
cent; at higher temperature it has no influence. They also 
found that a large amount of calcium chloride causes an error of 
—2.5 per cent, and magnesium sulphate one of —1.5 per cent. 
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Small quantities of these salts have no influence. Large amoimts 
of aluminum salts make the electrode insensitive. Manganese 
has a disturbing action because it forms a slightly soluble double 
salt with ferrocyanide. It must therefore be removed from 
solution, preferably by precipitation as manganese dioxide by 
persulphate in slightly acid solution. Iron salts interfere. 
Ferric iron may be rendered harmless by the addition of an 
excess of ammonium fluoride to the slightly acid solution. In 
this way zinc may be titrated in the presence of iron (Kolthoff and 
Verzijl). Ferrous iron must be oxidized before titration. Cop¬ 
per and cadmium salts must be separated from the zinc prior 
to the titration. 

Reissaus has applied the potentiometric titration of zinc 
to the determination of the metal in its ores. 

W. D. Treadwell and D. Chervet stated that the composi¬ 
tion of a metal ferrocyanide depends upon the alkali metal of the 
ferrocyanide. They found, for example, that in titrating zinc 
with potassium ferrocyanide the precipitate had the composition, 
K 2 Zn 3 (Feoc) 2 , while with sodium ferrocyanide Zn 2 Feoc was 
formed. In the presence of caesium or rubidium ZnX 2 Feoc 2 
is formed (X = Cs or Rb), and the break in potential is much 
greater than in the absence of these salts. 

Kolthoff and Verzijl ^2- obtained a peculiar titration curve 
when caesium was present. They explain the peculiarities of the 
curve as being due to the formation of a slightly soluble zinc- 
caesium ferricyanide of the composition 2 Zn 3 (Feic) 2 Cs 3 Feic. In 
direct contradiction to Treadwell and Chervet, they did not note 
any influence of rubidium chloride on the titration curve of zinc. 
In agreement with Treadwell and Chervet, they found on the other 
hand that sodium ferrocyanide formed Zn 2 Feoc, which, however, 
is transformed into Na 2 Zn 3 (Feoc )2 by an excess of reagent. 
A similar result was obtained with hydroferrocyanic acid instead 

G. G. Reissaus, Z. analyt. Chem., 69, 450 (1926). 

W. D. Treadwell and D. Chervet, Helv. Chim. Acta, 6, 633 (1922); 6,550,559 
(1923). 

^ Kolthoff and Verzijl, Rec. trav. chim., 48,388,393 (1924); c/. also Fr. MUller, 
Z. anorg. Chem., 128, 125 (1923). 
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of the sodium salt, whereas Treadwell and Chervet state that 
pure zinc ferrocyanide is formed in this case. Kolthoff and 
Verzijl found two jumps in the potential curve when magnesium 
ferrocyanide was the reagent in acid solution: the first corre¬ 
sponding to the formation of Zn 2 Feoc, and the second to 
MgZn 3 (Feoc) 2 . Calcium ferrocyanide gave similar results in 
neutral solution, whereas barium ferrocyanide formed the pure 
salt, Zn 2 Feoc. 

Saito made a detailed study of the titration of zinc with 
potassium ferrocyanide, and found that zinc ferrocyanide is 
formed first, and is transformed by more of the potassium ferro¬ 
cyanide into the salt K 2 Zn 3 (Feoc) 2 . A similar conclusion was 
drawn by Kolthoff ^4 from data obtained in the conductometric 
titration of zinc with potassium ferrocyanide. Saito found 
that the Zn 2 Feoc is formed rapidly, the potassium double salt 
more slowly. The formation of potassium zinc ferrocyanide is 
accelerated by hydrochloric or sulphuric acid, but retarded by 
acetic acid. At concentrations of HCl or H2SO4 up to 0.0003 
N or of acetic acid up to 0.1 N two breaks in potential are found, 
one corresponding to the formation of Zn 2 Feoc, the second to 
K 2 Zn 3 (Feoc) 2 , the latter being more distinct. If the hydrogen- 
ion concentration is greater than 0.1 N, only the break after the 
formation of the double salt occurs. In a solution 1 to 2 N in 
acetic acid only one jump in potential occurs and this is after the 
formation of Zn 2 Feoc. In any case, the double compoimd is 
formed if potassium ferrocyanide is titrated with zinc sulphate. 

F. Fenwick has applied the bimetallic system in the titra¬ 
tion of zinc with potassium ferrocyanide. The original poten¬ 
tial difference is high on account of the irreversible nature of the 
potential of zinc on platinum. The end-point is marked by 
a fall in potential during the addition of a rather larger volume 
of the titrating solution than is the case in determinations em¬ 
ploying a stronger reducing (or oxidizing) agent.'' The point of 

*®S. Saito, Bull. Inst. Phys. Chem. Research (Tokyo), 8, 921 (1929); Chem. 
Abs.,24, 1595 (1930). 

I. M. Kolthoff, Konduktometrische Titrationen, Dresden, 1923, p. 79. 

•* F. Fenwick, Dissertation, Ann. Arbor, Mich. (1923), p. 80. 
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maximum rate of change in potential is easy to detect. Miss 
Fenwick does not state the absolute accuracy of the method. 

Silver, —The potentiometric titration of silver with potassium 
ferrocyanide does not give accurate results. At the point 
corresponding to the composition Ag 4 Fe(CN )6 a small jump in 
potential occurs. The precipitate combines, however, with an 
excess of reagent to form KAg 3 Fe(CN )6 but a distinct maximum 
in the rate of change of potential can not be observed. Tread¬ 
well and Chervet^^ found that lithium or sodium ferrocyanide 
gives rise to the formation of Ag 4 Fe(CN) 6 , which is not changed 
by an excess of reagent. W. Steyer was dble to confirm these 
statements; the accuracy of the titration is not, however, 
greater than 0.5 to 1 per cent. The method has no practical 
significance. 

Silver and Zinc in the Presence of Each Other, —Muller and 
HentzscheP® found that the precipitation of silver as chloride 
and the successive precipitation of zinc with ferrocyanide does 
not lead to good results, because the silver chloride reacts with 
the ferrocyanide in the warm solution. In this case it is better 
to titrate the silver with bromide or iodide, since filtration of the 
silver halide is then not necessary. Under certain conditions an 
excess of iodide may be harmful in the titration of zinc, as it 
reduces ferricyanide. The difficulty can be avoided by titrating 
to the equivalence-potential. In general, however, it seems 
better to titrate with bromide. 

Determination of Cadmium. —In the titration of a cadmium 
salt with potassium ferrocyanide, the break in potential does 
not occur exactly at the point corresponding to the formation 
of K 2 CdFeoc (Hedrich, loc, cit.). The deviation becomes smaller 
as the solution becomes more dilute. In 0.001 N solution, pure 
K 2 CdFeoc is precipitated. According to Treadwell and Cher- 
vet (}oc, cit.) the addition of a caesium or rudibium salt improves 
the result; this statement was not confirmed by Fr. Muller 

Niemz, Thesis, Dresden, 1920. 

W. D. Treadwell and D. CherVet, Helv. Chim. Acta, 6, 555 (1925). 

** W. Steyer, Z. anai 3 rt. Chem., 74, 108 (1928). 

E. Mtlller and H. Hentzschel, Z. analjrt. Chem., 72, 188 (1927), 



APPLICATIONS OF FERRI-FERROCYANIDE ELECTRODE 329 


Qoc. ciL), In agreement with Muller, Kolthoff and Verzijl 
stated that the titration of cadmium with ferrocyanide did not 
3 deld exact results. When sodium ferrocyanide is used instead of 
the potassium salt, pure cadmium ferrocyanide is precipitated 
(Treadwell and Chervet). According to Fr. Muller, accurate 
results are obtained. Muller and Pree^^ recommend that the 
titration be performed at 75° C. Inflection-potential, 0,22 volt 
vs. N.C.E. 

Zinc and Cadmium in the Same Solution. —^According to 
Hedrich {}oc. ciL) there are two jumps in potential, one corre¬ 
sponding to the complete precipitation of zinc as K 2 Zn 3 (Feoc )2 
and the second to K 2 CdFeoc. Kolthoff (unpublished data) did 
not succeed in obtaining good results. Fr. Muller used sodium 
ferrocyanide, but failed to improve the method in this way. 

Silver and Cadmium. —In the presence of silver, the cadmium 
and silver may both be determined potentiometrically. The 
cadmium has to be titrated with sodium ferrocyanide, since 
potassium salts cause interference {cf. under cadmium ’0* 

Since the sodium ferrocyanide reacts with silver chloride, 
to form Ag 4 Fe(CN)c, Muller and Hentzschel titrate the silver 
with sodium bromide (silver electrode), and then the cadmium 
with sodium ferrocyanide (platinum electrode), both titrations 
being made at 75°. Inflection-potentials: (Ag^ + Br~) +0.173 
volt at 75° vs. N.C.E.; (2Cd++ + Na 4 Fe(CN)G) + 0.150 volt 
at 75° vs. N.C.E. 

Determination of Lead: 

2Pb++ + Feoc= Pb 2 Feoc. 

According to E. Muller and K. Gabler the direct titration 
of lead with ferrocyanide gives good results when the lead con¬ 
centration is larger than 0.01 molar. In dilute solution too little 
reagent is required to reach the inflection-point. Kolthoff was 
able to confinn these results. When the titration is performed 
at 75° the potentials soon become constant. Inflection-poten- 

«> E. MiiUcr and W. Pi^e, Z. analyt. Chem., 72, 195 (1927). 

E. Mtiller and H. Hentzschel, Z. analyt. Chem., 76, 240 (1928). 

•• E. Muller and K. Gabler, Z, analyt. Chem., 62, 29 (1923). 
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tial, +0.18 volt (against N.C.E.) and +0.36 at room temperature. 
In the presence of large amounts of acetate the determination is no 
longer practicable, because of the formation of complex lead 
acetate. According to Muller and Pree^® addition of acetone 
prevents interference by acetate to a certain degree, although 
high concentrations of acetate still interfere. F. Fenwick {loc, 
cit) has applied the bimetallic system, and recommends the 
titration of a cold solution. 

Separate Precipitation of Zinc and Lead, —In the titration of 
a mixture of zinc and lead salt with potassium ferrocyanide, the 
first potential break occurs after precipitation of the zinc, and the 
second after the lead ferrocyanide is formed quantitatively. 
The titration is not practicable, however. Therefore Muller 
and Gabler recommend the titration of the sum of the metals 
at 75® (inflection-potential, +0.19 volt). Another titration is 
made in which the zinc alone is precipitated, after previous 
removal of lead by a slight excess of sulphuric acid; inflection- 
potential,+0.50, if titrated at 75®. 

Lead and Cadmium Together, —If both metals are together, 
only one jump in potential occurs after the complete precipitation 
of lead and cadmium. The latter can be determined separately 
by precipitation of the lead as lead sulphate with sodium sulphate 
(not with sulphuric acid, which is harmful in the cadmium titra¬ 
tion, according to Muller and Free), and 30 per cent of alcohol. 
Without filtration, the cadmium is titrated at 60®. (Inflection- 
potential, + 0.20 volt). 

Silver and Lead, —Muller and HentzscheP^ first titrate the 
silver with sodium chloride (silver electrode), and after reaching 
the inflection-potential, the lead is determined with potassium 
ferrocyanide (platinum electrode). First inflection, 0.230 volt 
(ys. N.C.E.); second, 0.360 volt (vs. N.C.E.). 

Determination of Sulphate, —E. Muller and R. Wertheim^^ 
add an excess of lead nitrate to the sulphate solution; a third of 
the volume of the solution must be alcohol. The precipitate is 

^ E. Mi^Jler and W, Pr^e, Z. analyt. Chem., 72, 200 (1927). 

** E. Muller and H. Hentzschel, Z. analyt. Chem., 72, 1 (1927). 

** E. Muller and R. Wertheim., Z. anorg. Chem., 183, 411 (1924), 
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filtered, washed with 30 per cent alcohol, and the excess of lead 
in the filtrate is determined with potassium ferrocyanide. The 
method is not convenient for practical use. 

In another paper Muller and Wertheim have described the 
application of the method to the determination of barium. The 
results arc not very accurate. 

Kolthoff (unpublished investigation) has applied the lead 
ferrocyanide-ferricyanide electrode for the direct titration of 
sulphate (cf, § 1). He adds to the sulphate solution a little 
solid lead ferrocyanide and about 50 mg. ferricyanide, and an 
equal volume of alcohol. The titration is carried out with lead 
nitrate. A break in potential occurs exactly at the point where 
lead sulphate is quantitatively formed. In the absence of 
alcohol the potential is very unsteady. The titration has not 
yet been studied with various salts present. 

Copper ,—The maximum leap in potential does not occur at 
the equivalence-point. The titration curve has a peculiar shape 
which has not thus far been explained. Useful results were 
not obtained with potassium or lithium,*'^^ nor with sodium or 
magnesium ferrocyanides.'^^ 

Indium ,—^According to Bray and Kirschman indium solu¬ 
tions may be titrated with potassium ferrocyanide containing a 
little ferricyanide at room temperature. The precipitate has the 
composition In 5 K[Fe(CN) 6 ] 4 . When the solution contains more 
than 0.05 N hydrochloric or sulphuric acid the leap in potential 
decreases, and the drop is not sudden but takes place rather 
gradually. The effect of neutral salts is essentially the same as 
that of acid. Bray and KJrschman recommend that the titration 
be made at room temperature; at higher temperatures the curve 
flattens near the end-point; at 85° accurate results are no longer 
obtained. 

GaUium ,—^A gallium solution gives a precipitate of normal 
composition, Ga 4 [Fe(CN) 6 ] 3 , with potassium ferrocyanide. 

E. Muller and R. Wertheim, Z. anorg. Chem., 185, 269 (1924). 

Muller and S. Takagami, Z. analyt. Chem., 73, 284 (1928). 

S. Takagami, Z. analyt. Chem., 74, 39 (1928). 

*• U. B, Bray and H. D. Kirschman, J. Am. Chem. Soc., 49, 2739 (1927). 
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Kirschman and Ramsey make this reaction the basis of a 
potentiometric titration. The potential is rather slow in attain¬ 
ing a constant value, especially near the end-point; increase in 
temperature increases the speed of the titration. At tempera¬ 
tures above 70° marked decomposition takes place; therefore 
Kirschman and Ramsey recommend a temperature of 40° during 
the titration (maintained within 2 degrees because of the large 
temperature coefficient of the cell). The best results are ob¬ 
tained in weakly acid solutions; the accuracy is estimated at 
0.2 to 0.3 per cent. Large amoimts of acids and of neutral 
salts make the drop in potential more gradual, and the end¬ 
point less accurately determinable. 

S. A to claims that the composition of the precipitate corre¬ 
sponds to Ga4[Fc(CN)6]3 oily at hydrochloric acid concentrations 
between 0.005 and 0.0025 N, and he recommends that the tem¬ 
perature be 40-50°. A still more detailed study is desirable. 

Lanthanum, Cerium, and Thorium ,—^According to the investi¬ 
gations of Atanasiu,'*^ the titration curve indicates the formation 
of KLaFe(CN)6 in alcoholic solution. In the case of thorium, 
ThFe(CN)6 is formed, but the composition varies with an excess 
of alkali salt; the presence of alcohol causes perturbations in the 
curve. The titration of a mixture of La, Th, and Ce salts is 
practically impossible. 

Cerous Cerium ,—^With cerous salts, according to Atanasiu,^® 
there is formed a double salt of composition, CeKF(CN)6. The 
potential of the electrode falls rapidly, especially at the beginning 
of the titration (the authors suppose because of the precipitation 
of the ferricyanide). Large amounts of sodium or calcium 
salts have a disturbing effect upon the leap in potential at the 
equivalence-point. 

An improvement is obtained if enough ethyl alcohol is added 
to make its concentration about 30 per cent. In this case a 

*®H. D. Kirschman and J. B. Ramsey, J. Am. Chem. Soc., 60, 1632 (1928). 

S. Ato, Sci. Papers, Inst. Ph 3 rs. Chem. Research (Tokyo), 10,1 (1929); Chem. 
Abs., 28, 2121 (1929). 

^ J. A. Atanasiu, Bull. Chim. soc. romana Stiinte, 30, 51 (1928); Chem. Abs., 
22, 2899 (1928). 

^ J. A. Atanasiu, Compt. rend., 182, 519 (1926). 
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sharp break in potential is observed at the equivalence-point, 
and the titration curve has a regular form. Good results are 
obtained, even at great dilutions. 

UranyL —The break in potential at the equivalence-point is 
not very sharp, except in presence of alcohol, when, according 
to Atanasiu,^ (U02)2Fe(CN)6 is formed. Other anions affect the 
results. A more systematic study would be desirable. 

Potassium with Calcium Ferrocyanide, —Rauchhas based 
a method upon the precipitation of potassium as K 2 CaFe(CN )6 
in the presence of 30 per cent of alcohol by volume. Pure cal¬ 
cium ferrocyanide is used as a reagent; the excess is titrated 
back with a standard zinc solution. The calcium ferrocyanide is 
standardized under the same conditions as those which prevail 
during the analysis. The fact that a little potassium is present 
in the reagent, and that the solubility of the potassium calcium 
ferrocyanide is not negligibly small, have to be considered. 
The method has proved satisfactory when not more than 0.1 g. 
of potassium is present. The method may be applied in the 
presence of sodium, calcium, magnesium, sulphate, and chloride. 
The reader is referred to the original article for details. 

Rada and Caspar investigated the precipitation of ions of 
alkali metals with calcium ferrocyanide in the presence of alcohol. 
The precipitates have the composition CaM 2 Fe(CN) 6 , where M 
represents the alkali metal. 

Del Fresno and Vasquez applied this reaction to the deter¬ 
mination of rubidium and caesium with calcium ferrocyanide 
in the presence of about 50 per cent of alcohol. Thus far the 
results have not been very satisfactory; the potential is slow 
in reaching its constant value near the end-point. 

Reduction with Potassium Ferrocyanide. —The application of 
ferrocyanide as a reducing agent has little practical significance. 
Someya^® titrated bichromate with ferrocyanide, and got good 

**J. A. Atanasiu, Bui. Soc. romana Stiinte, 80, 69 (1928); Chem. Abs., 22, 
2901 (1928). 

A. Rauch, Z. anoi^g. allgem. Chem., 160, 77 (1927). 

" Rada and Caspar, Ann. soc. Espafi. Fis. Quim., 24, 99, 150, 153 (1926). 

C. del Fresno and J. Vasquez, Z. Elektrochem., 83, 149 (1927). 

"K. Someya, Z. anorg. allgem. Chem., 169, 158 (1926). 
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results when the solution contained 5-10 cc. of concentrated 
hydrochloric add in a volume of 60 cc. and the solution was at 
40-65°. The reverse titration of ferrocyanide with bichromate 
does not yield good results. 

The reduction of ceric sulphate with ferrocyanide as reagent 
only yields good results if the ferrocyanide is added very rapidly 
until the end-point is approached closely.^® 

The Reaction between Ferrocyanide and the Halogens .— 
Carlos del Fresno found a large jump in potential at the equiva¬ 
lence-point of the reaction between chlorine and ferrocyanide. 
When bromine is titrated in the same manner the jump is 
smaller, and with iodine only a very slight change in potential 
is foimd at the equivalence-point. 

If the N.C.E. is used as standard half-cell the inflection- 
potentials found by del Fresno are: 


Reaction 

Starting with 

Starting with 


Halogen 

Ferrocyanide 


Volt 

Volt 

CL + 2Fe(CN)6"?=i2Cl- -f- 2Fe(CN)6”. 

0.656 

0.626 

Bra -1- 2Fe(CN),“^ fS 2Br- -f- 2Fe(CN),“. 

0.549 

0.554 

la + 2Fe(CN),^ 21 - + 2Fc(CN),". 

0.263 

0.251 


The first two titrations have no analytical significance 
because of the volatility of bromine and chlorine. The poten¬ 
tial break in the titration with or of iodine is too small, in the 
authors’ opinion, to give accurate resxilts. Del Fresno remarks, 
moreover, that the jump does not occur exactly at the equiva¬ 
lence-point. 

^®N. H. Furman and O. M. Evans, J. Am. Chem. Soc., 61, 1128 (1929); K. 
Someya, Z. anorg. allgem. Chem., 181, 183 (1929). C/. p. 287. 

Carlos del Fresno, Z. Elektrochem., 31, 617 (1925). 






CHAPTER XVI 


REDUCTION WITH FERROUS SULPHATE 

A solution of ferrous sulphate or Mohr’s salt in 0.1 N sul¬ 
phuric acid is fairly stable when exj)osed to air. The solution is 
much more readily oxidized at higher acidities. 

Determination of Chromium and Vanadium ,—The theoretical 
aspects of the bichromate-ferrous iron titration have been thor¬ 
oughly discussed in Chapter X. A number of practical applica¬ 
tions, which rest chiefly on the work of G. L. Kelley and his col¬ 
laborators, wiU now be described. 

Kelley, Adams, and Wiley ^ have described a simple form of 
apparatus, which is essentially a simple potentiometer with a 
lamp and scale galvanometer. Because of certain irreversible 
phenomena {cf, especially the work of Forbes and Bartlett, J. Am. 
Chem. Soc., 36, 1535 (1913)) the end-point may be taken as a 
sudden large galvanometer deflection which throws the beam of 
light permanently beyond the ground-glass scale. This pro¬ 
cedure has met with much favor for rapid industrial determina¬ 
tions. 

In most practical instances, vanadium and chromium may be 
foimd together in the solution of various steels, ferro-alloys, etc. 

^Vanadate .—If the solution contains vanadium alone, the 
reaction with ferrous iron is: 

VO 4 " + 6H+ + Fe+”^ VO++ + Fe+++ + 3 H 2 O. 

Partial reactions: 

VO 4 - + 6H+ + e VO++ + 3 H 2 O; eo = + 0.916 

Fe++ Fe+++ 4- ©; 80 = + 0.466. 

»G. L. Kdley, J. R. Adams, J. A. WUey, J. Ind. Eng. Chem., 9, 780 (1917). 
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The potentiometric vanadate reduction has been studied by 
Kelley and his collaborators, by Willard and Fenwick ^ and by 
Kolthoff and Tomicek.*"* We may conclude from these investi¬ 
gations that the titration gives very exact results. 

Kelley and his collaborators^ were the first to apply the 
potentiometric determination of chromium and vanadium to 
the analysis of steels and ferro-alloys.® This work is of con¬ 
siderable interest and importance to all who wish to make a 
thorough study of the development of these methods, as is also 
the work of Willard and Fenwick ® on the selective reduction of 
chromic acid in the presence of vanadic acid by sodium perborate. 

More recent work of Willard and Young has resulted in 
a selective method for oxidation of vanadium in presence of 
chromic salts by potassium bromate: 

2 KBr 03 + IOVOSO4 + I4H2O = 

IOHVO3 -|- Br2 "I" K2SO4 -f" 9H2SO4. 

Improved procedures were also worked out for the application 
of the persulphate method for determining the sum of the chro¬ 
mium and vanadium in steels. The following procedures of 
Willard and Young will be found adequate for special steels: 

Vanadium in Chrome-vanadium Steels .—A sample of 4 or 5 g. is con¬ 
venient when the percentage of vanadium is low (0.15 to 0.25 per cent). 
Place it in a 600-cc, beaker, add 30 to 35 cc. of water, and run in a measured 
volume of sulphuric acid (sp. gr. 1.83) from a burette. Each gram of iron 
requires 1.5 cc. of concentrated sulphuric acid for final conversion into ferric 
sulphate. If an excess of 3 or 4 cc. of acid is allowed, the process of solution 
is rapid. After the steel has been completely decomposed, boil until a 
considerable quantity of salts separates out in order to assist in decomposing 

2 H. H. Willard, and F. Fenwick, J. Am. Chem. Soc., 45, 84 (1923). 

* I. M. Kolthoff and O. Tomicek, Rec. trav. chim., 48, 447 (1924). 

* Chromium and Vanadium; G. L. Kelley and J. B. Conant, J. Am. Chem. 
Soc., 88, 341 (1916); J. Ind. Eng. Chem., 9, 780 (1917); G. L. Kelley, J. A. Wiley, 
R. T. Bohn, and W. C. Wright, J. Ind. Eng. Chem., 18, 939 (1921). 

® H. H. Willard and F. Fenwick, J. Am. Chem. Soc., 46, 84 (1923), 

® Cr in steel; G. L. Kelley and J. B. Conant, J. Ind. Eng. Chem., 8, 722 (1916). 
V in chrome-vanadium steel: G. L. Kelley, J. A. Wiley, R. T. Bohn, and W. C. 
Wright, J. Ind. Eng. Chem., 11, 633 (1919); ibid., 18, 939 (1921). Chromium in 
ferrochromium: G. L. Kelley and J. A. WUey, J. Ind. Eng. Chem., 13, 1053 (1921). 

^ H. H. Willard and P. Young, Ind. Eng. Chem., 20, 764 (1928); 20, 769 (1928). 
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carbides. Dilute with 20 cc. of water and heat until the salts have dis¬ 
solved. Add nitric acid of sp. gr. 1.42 drop by drop until the violent oxida¬ 
tion of the ferrous sulphate is over (3 to 3.5 cc. of acid are sufficient). Boil 
the solution to remove oxides of nitrogen, dilute to 200 cc., and add to this 
solution, which should be at room temperature, hydrochloric acid (sp. gr. 
1.18) (6 cc. should be added if a 4 or 5-g. sample is used; with a smaller 
sample more acid must be used: 7 cc. for 3 g. iron, and 8~10 cc. of acid if 
only 1 or 2 g. of iron is present), 5 g. of ammonium sulphate, and 1.5 to 
2 g. of potassium bromate. Leave the material on the low temperature 
hot-plate for 15 minutes or longer, by which time it should reach approxi¬ 
mately 65° C.; boil 10 minutes to destroy the excess of bromate, cool in 
ice to 5° C., add 25 cc. of ice-cold sulphuric acid (sp. gr. 1.5), and titrate 
with 0.025 N ferrous sulphate. 

Vanadium in Chromc-vanadium-tungsten Steels. —The sample may vary 
from 1.5 g. for a steel containing 1 per cent or more of vanadium to 3 g. for 
one containing 0.2 per cent vanadium. Add 25 to 30 cc. of water to the 
sample, which is placed in a 400-cc. beaker. Use 1.5 cc. of sulphuric acid 
of sp. gr. 1.83 for each gram of steel and 3 to 6 cc. in excess. Warm gently 
until there is no further evolution of hydrogen. Boil over a free flame until 
salts begin to separate, in order to assist in breaking up carbides, dilute to 
about 50 cc., and boil until the salts have dissolved. To the boiling hot 
solution add nitric acid of sp. gr. 1.42 drop by drop until the violent action 
is over, then 5 to 6 cc. excess. Boil down until tungstic acid separates out 
in considerable amount and becomes yellow; dilute somewhat with hot 
water, let settle, and filter the tungstic acid, using hot 1 per cent sulphuric 
acid to transfer the precipitate to the filter. Place a 150-cc. beaker under 
the fimnel, puncture the paper, and wash through most of the tungstic acid 
with water. Dissolve the remainder of the material on the filter in hot 
4 per cent sodium hydroxide. Add 5 to 10 cc. more to the original beaker 
to dissolve any precipitate that adheres to the glass, using only about 15 cc. 
in all. It is convenient to have ready a stock solution of ferric ammonium 
alum (345 g. of the salt per liter) of such strength that 25 cc. of the solution 
will contain 1 g. of iron and 1 cc. of sulphuric acid, sp. gr. 1.83. To the 
main filtrate from the tungstic acid, contained in a 600-cc. beaker, add 75 cc. 
of this stock solution (equivalent to 3 g. of iron) and, stirring constantly, 
pour in the sodium tungstate, which will contain some ferric hydroxide in 
suspension, A clear solution will result, and the volume of liquid at this 
point should be about 200 cc. Add 6 cc. of concentrated hydrochloric acid, 
sp. gr. 1.18, if a l.S-g. sample of steel was used, or 4 cc. if a larger sample 
than 2 g. was taken, and 1.5 to 2 g. of potassium bromate. From this point 
the procedure is the same as that given in the preceding section. 

Chromium in Ckrome-vanadium-tungsten Steels. —A 1 to 1.5 g. sample is 
convenient. Place it in a 400-cc. beaker, add 40 cc. of water and 10 cc. of 
sulphuric acid, sp. gr. 1.83. Warm gently until there is no further evolution 
of hydrogen. Boil over a free flame until salts begin to separate, in order 
to assist in breaking up carbides; dilute to about 50 cc. and boil until salts 
have dissolved. To the boiling hot solution add nitric acid, sp. gr. 1.42, 
drop by drop until the violent action is over, then 5 to 6 cc. in excess. Boil 
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down until the tungstic acid separates out in considerable amount; dilute 
to 60 to 70 cc. with hot water, let settle, and filter off the tungstic acid, 
using hot 1 per cent sulphuric a<^ to transfer the precipitate to the filter. 
Place a 150-cc. beaker under th^-filter, puncture the paper and wash most 
of the tungstic acid through with water. Dissolve the remainder on the 
filter with hot 4 per cent sodium hydroxide. Add 5 to 10 cc. more to the 
original beaker to dissolve any tungstic acid that adheres to the glass, using 
only about 15 cc. in all. To the main filtrate in a 600-cc. beaker, add 1 g. 
of iron in the form of ferric alum, and, stirring constantly, pour in the 
sodium tungstate, which will contain some ferric hydroxide in suspension. 
A clear solution will result, and the solution should be diluted to 300 cc. 
Heat to boiling, add 10 cc. of silver nitrate solution (2.5 g. AgNOa per liter), 
and add 5 g. of ammonium persulphate. If no permanganate tinge appears 
in the solution on boiling, a little more persulphate must be added. No 
difficulty will be encountered if the correct amounts of sulphuric and 
nitric acids, as specified, are used. Boil the solution 10 minutes to decom¬ 
pose the excess of persulphate. Add 5 cc. of 1:3 hydrochloric acid to 
reduce the permanganate and boil vigorously for 10 minutes to remove 
chlorine. Cool in ice to 5° C., add 25 cc. of ice-cold sulphuric acid, sp. gr. 
1.5, and titrate the vanadic plus chromic acids electrometrically with 0.1 N 
ferrous sulphate. 

Chromium in Chrome-vanadium Steels .—A 2-g. sample is convenient 
when the steel contains not more than 2 per cent of chromium; a 1-g. sample 
is suitable when the chromium content is higher. Place the sample in a 
600-cc. beaker, add 15 cc. of water, 15 cc. of orthophosphoric acid, sp. gr. 
1.37 (if diphenyl amine or benzidine is to be used as indicator in the final 
titration), and run in a measured amount of sulphuric acid of sp. gr. 1.83, 
from a burette. Allow 1.5 cc. of acid for each gram of steel and 3 cc. 
excess. After the steel has been completely decomposed, boil until a con¬ 
siderable quantity of salt separates out, in order to assist in decomposing 
carbides. Dilute with 20 cc. of water and heat until the salts are dissolved. 
Add nitric acid of sp. gr. 1.42 drop .by drop until the violent oxidation of 
ferrous sulphate is over (2 or 3 cc. are sufficient; avoid any appreciable 
excess). Boil the solution to expel oxides of nitrogen dilute, to 150 cc. and 
heat to boiling. 

From this point on the oxidation with persulphate is performed as 
described under ** Chrome-vanadium-timgsten Steels.” 

If the electrometric method is to be used, the addition of phosphoric add 
is unnecessary. The titration with 0.05 N ferrous sulphate is most satis¬ 
factory if the solution is at 5^6® C. when titrated. 

Use of the Bichromate-Ferrous Sulphate Reaction in the Deter* 
mination of Tellurium. — VJ. T. Schrenk and B. L. Browning® 
oxidize tellurous acid to telluric with a measured excess of potas¬ 
sium bichromate. After standing 45-60 minutes, the amount of 


• W. T. Schrenk and W. L. Browning, J. Am. Chem. Soc., 48, 139 (1926). 
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oxidizing agent required is found by potentiometric determina¬ 
tion of the excess of bichromate with standardized ferrous sul¬ 
phate solution. Accurate results were obtained for 0.2~0.4 g. 
of Te02, when as much as 0.278 g. Se02 or 0.03 g. Cu was present. 

3Te02 + K2Cr207 + 4 H 2 SO 4 = 

3 H2Te04 "b K2SO4 + Cr2(S04)3 + H2O 

Gold ,—Muller and Weisbrod ^ showed that trivalent gold is 
readily reduced to the metallic state by ferrous sulphate: 

Au+++ + 3Fe++ = Au + 3Fe+++. 


In order to have all of the gold in the trivalent state, an excess of 
chlorine is added, and titrated back with ferrous sulphate. The 
first break in potential indicates the complete reduction of the 
chlorine; the gold is reduced to the metallic state between the 
first and second breaks. 

The inflection-potential after reduction of all chlorine is 
about 0.80 volt (N.C.E.); the second after quantitative forma¬ 
tion of gold is 0.66 volt. 

In a further study Muller and Weisbrod^® found that the 
best jumps in potential are obtained when the hydrochloric acid 
content of the solution is smaller than 0.2 N. At very high 
HCl concentrations the second jump, after the complete reduction 
of the gold, is very indistinct, probably due to the formation of 
complex aurichloride ions. Nitric acid interferes; the results 
are too high. It is peculiar that the error due to nitric acid 
can be eliminated by adding enough alcohol (concentration about 
30 per cent), and potassium sulphate (about 6 per cent). 

Copper, mercury, lead, and solid silver chloride do not 
interfere with the gold titration. Small amounts of palladium 
and platinum are without any influence; in the presence of 
larger amounts no steady potentials are obtained. Addition of 
30 per cent of alcohol and 6 per cent of potassium sulphate 
improves the results very much; even if three times as much 

® E, Muller and F. Weisbrod, Z. anorg. allgem. Chem., 16b, 17 (1926), 

E. Muller and F. Weisbrod, Z, anorg. allgem. Chem., 169, 394 (1928), 
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palladiiun as gold is present, the results are good. However, in 
the presence of an excess of platinum the additions just men¬ 
tioned are without effect. 

Cerium ,—Someya oxidizes cerous cerium solution in the 
presence of about 6 to 12 N sulphuric acid, by boiling 20-40 cc. 
of solution with 2 g. of sodium bismuthate until all of the cerium 
is in the ceric state and the solution is clear yellow. After 
cooling, the solution is diluted to 300 cc. and titrated with ferrous 
sulphate. Inflection-potential, about 0.85 volt (N.C.E.). (Someya 
does not give details about time of oxidation; if a small excess of 
pure bismuthate is used, filtration of the latter is not necessary, 
according to him.) 

Furman found that the Metzger^s bismuthate method or 
von Knorre’s persulphate method could be used for oxidation of 
the cerous ion, and that the resultant ceric solution could be 
titrated potentiometrically with ferrous sulphate. In Metzger’s 
method the cerous solution, containing 10-15 cc. of concentrated 
sulphuric acid and 2 g. of ammonium sulphate per 80 cc., is 
treated with 1 g. of sodium bismuthate, heated to boiling, cooled, 
SO cc. of 2 per cent sulphuric acid are added, and the solution is 
filtered through a Gooch crucible. The 2 per cent acid is used 
in the washing. Titration with ferrous sulphate follows after 
cooling to room temperature. 

In von Knorre’s procedure, the cerous solution should 
contain as little sulphuric acid as possible (to prevent hydrolysis); 
1-2 cc. of concentrated sulphuric acid per 100 cc. is satisfactory. 
A persulphate solution containing 2 g. per 10 cc. is used. The 
cerous solution is boiled 1 minute after adding 10 cc. of per¬ 
sulphate, cooled to 40-60°, treated with 5 cc. more of persulphate, 
boiled 1 minute, cooled again to 40-60°, treated with a final 5 cc. 
of persulphate solution, and boiled for 15 minutes to decompose 
the excess of this oxidant. After cooling the solution is titrated 
with standard ferrous sulphate. 

“K. Someya, Sci. Reports, Tohoku Imp. Univ., 17, 93 (1928); Z. anorg. 
allgem. Chem., 168, 56 (1927). 

” N. H. Furman, J. Am. Chem. Soc., 60, 755 (1928). 

“ Metsger, ibid.^ 81, 523 (1909); Metzger and Heidelberger, ibid,t 82,642 (1910). 
von Knorre, Zangew. C)iem., 1897, pp. 685, 717, 
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Willard and Young have also studied the determination 
of cerous ceriiun by oxidation, followed by titration of the ceric 
salt with a reducing agent such as ferrous sulphate, potassium 
iodide, or sodium nitrite. They foimd that silver nitrate cata¬ 
lyzed the quantitative oxidation of cerous salts by persulphate. 
The oxidation is performed in a volume of 200 cc. containing 
0.1-0.4 g. Ce, 2.5-10 cc. of concentrated sulphuric acid, and 1-5 g. 
of ammonium persulphate. Two and a half to ten cubic centi¬ 
meters of silver nitrate are used (2.5 g. AgNOs per liter). After 
boiling 10 minutes the solution is cooled to room temperature and 
titrated with ferrous sulphate. If the cerous solution contains 
nitric acid, the oxidation is performed as described above. The 
solution is then titrated at 40-45° with standard sodium nitrite. 

H. H. Willard and P. Young, J. Am. Chem. Soc., 60, 1379 (1928). 
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REDUCTION WITH IODIDE 

The reader is referred to preceding chapters for the reactions 
between iodide and permanganate, bichromate,^ bromate, or 
iodate. 

For the determination of iodate^ W. S. Hendrixson 2 recom¬ 
mends the addition of an excess of known iodide solution in dilute 
sulphuric acid, and titration of the excess with permanganate 
solution. 

E. Muller and D. Junck^ made a study of the theoretical 
aspects of the titration curve of iodate with iodide. In sulphuric 
acid medium, only one jump in potential occurs, at the end of 
the reduction of all iodate: 

103 “ + 51- + 6H+ 3 I 2 + 3 H 2 O. 

Inflection-potential, 0.652 (or 0.580?) volt (against N.C.E.). 

In the presence of hydrochloric acid other reactions occur. 
The first break in potential is obtained after the completion of 
the reaction: 

IO 3 — -f- 21— + 6 H"^ + 301“ 5 =^ 3IC1 T" 3 H 2 O, 
and a second after: 


3IC1 + 31- 3 I 2 + 3C1-. 

In the presence of a large excess of hydrochloric acid, still 

‘ Cf. esp. W. S. Hendrixson, J. Am. Chem. Soc., 43, 14 (1921). 

* W. S. Hendrixson, J. Am, Chem. Soc., 48, 858 (1921). 

* E. Muller and D. Junck, Z. Eiektrochem., 81, 200 (1925). 
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different results are obtained. Probably ICl and ICI3 are both 
formed: 

2IO3- + I- + 12H+ + 9C1“ 3ICI3 + 6H2O, 
3ICI3 + 91- 6I2 + 9C1- 

Because of the escape of chlorine, both breaks occur too soon. 
This determination of iodate in hydrochloric acid solution is of 
no analytical significance. 

Periodic Acid, —In the presence of a large excess of iodide 
the following action takes place: 

IO4- + 21- + 2H+ 2103“- + I2 + H2O. 

The iodate is not reduced further in bicarbonate solution. 
According to Muller and Junck Qoc, cii), the reduction is so 
slow that the reaction can not be made a basis for potentio- 
metric titration. The present authors suggest the use of an 
excess of iodide and back titration with silver nitrate or a mer¬ 
curic salt. 

Hypochlorite, —W. D. Treadwell ^ makes the Pontius method 
the basis of the potcntiometric determination of hypochlorite: 

3oa-+ 1-^103-+ 3C1-. 

The titration gives practicable results in bicarbonate solution, 
or in the presence of boric acid. 

According to Treadwell the method is of distinct advantage 
in titrating very dilute solutions. Kolthoff •'* was able* to con¬ 
firm Treadwell’s findings. Initially the potential soon becomes 
constant; near the equivalence-point, however, one has to wait 
about ten minutes for it to reach constancy. The break in poten¬ 
tial is distinct, but not nearly as pronoimced as in the titration 
of hypochlorite with arsenic trioxide. (C/. p. 346.) Chlorite 
reacts very slowly with iodide in bicarbonate solution. 

Selenous Acid. —As has been known for a long time, selenium 
dioxide is reduced to the elementary state by potassium iodide. 

* W. D. Treadwell, Helv. Chim. Acta, 4, 39$ (1921). 

‘ I. M. Kolthoff, Rec. trav. chim., 41, 740 (1922). 
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Someya ® has applied this reaction to the potentiometric titra¬ 
tion of selenites. A distinct jump in potential occurs if the solu¬ 
tion is at least 6 N in HCl at the end-point. At lower hydro¬ 
chloric add concentrations no distinct break in potential was 
observed. It seems possible that the titration can be performed 
at a lower add concentration if carried out at a higher tempera¬ 
ture (suggestion by Kolthoff). 

Tellurites do not interfere if present in amoimt equivalent 
to the selenium. Cupric copper and ferric iron do not interfere; 
gold, however, must be removed before the titration. 

Tellurous Acid ,— 

HaTeOs + 4 H 2 SO 4 + 4KI = Tel4 + 4 KHSO 4 + SHgO. 

According to Someya {loc, cit,) the titration gives good results 
if the concentration of sulphuric acid at the end-point is at 
least 10-11 N. Selenite, cupric copper, and ferric iron interfere. 

Auric Gold ,—^Auric gold reacts with potassium iodide accord¬ 
ing to the equation: 

AuCls + 3KI = Aul -t- 2KC1 + I 2 . 

Someya (loc, cit,, 1930) adds an excess of chlorine water to be 
certain that all gold is in the auric condition. Upon titration 
with potassium iodide, a first jump in potential occurs after the 
reduction of free chlorine; upon continued addition of iodide a 
yellowish white precipitate of aurous iodide is formed, and a 
second jump in potential occurs after the reaction is complete. 
Hydrochloric acid interferes because it flattens out the steep 
part of the curve. Sulphuric acid appears to have no influence. 
Cupric copper may be present. The method gives good results 
even at high dilutions. 

Mixture of Gold and Tellurium .—^As has been stated, the titra¬ 
tion of tellurium gives good results only when the sulphuric acid 
concentration at the end-point is about 10-11 N. Under these 
conditions three jumps in potential are found in the titration of a 
mixture of auric gold, tellurite, and an excess of chlorine water 


•K. Someyu, Sd. Reports, Tohoku Imp. Univ., 19, 124 (1930). 
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(Query: Does not chlorine water oxidize tellurite? Adthobs); 
the first jump occurs after the reduction of chlorine, the second 
after the precipitation of all of the gold as aurous chloride, and 
the third after the quantitative reduction of tellurite with iodide. 
The gold content is not found very accurately (deviation about 
1 per cent); the tellurium content is found with an accuracy of 
about 1 per cent. 

It seems to the authors that it would be better to add the 
large quantity of sulphuric acid after reduction of all auric gold 
to aurous iodide. 



CHAPTER XVIII 


REDUCTION WITH ARSENIC TRIOXIDE 

Arsenic trioxide may be readily purified by sublimation or 
reprecipitation from its alkaline solution upon adding acid, fol¬ 
lowed by recrystallization. Its solution may be kept for a long 
time when it is neutral or slightly acid. An alkaline solution is 
slowly oxidized by air, thus decreasing its strength. 

HypochlorUe .—^According to W. D. Treadwell ^ the method 
of Penot (1851) may be applied as a potentiometric titration. 
A good end-point is obtained when the titration is carried out in 
bicarbonate medium. No inflection is observed in strongly 
alkaline medium. Good results are obtained when the amount 
of bicarbonate present suffices to neutralize the strong alkali 
to carbonate. I. M. Kolthoff (Joe, cit.), using the usual system, 
confirmed TreadwelFs resul’ts. He found that chlorite did not 
react with arsenious oxide under the conditions mentioned. No 
sharp end-point was obtained in weakly acid solution. 

A. Schleicher and L. Toussaint^ used the compensation 
apparatus of A. Fischer ^ and titrated to an inflection-potential 
of 0.60 volt (against N.C.E.). A platinum electrode in dilute 
M 

peroxide, or — bichromate, may also be used as a compensation 
5 

electrode. 

According to Kolthoff (loc, cit,) the sum of the chlorite and 
hypochlorite is determined by iodometric titration in acid solu¬ 
tion. When the hypochlorite content is known, that of chlorite 
may be calculated. 

^ W. D. Treadwell, Helv. Chim. Acta, 4, 396 (1921). 

* A. Schleicher and L. Toussaint, Z. an^yt. Chem,, 66, 399, 406 (1925). 

’A. Fischer, Elektroanalytische Schnellmethode, Stuttgart (1908), p. 100. 
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The application of the bimetallic system to the titra^ 
tion of hypochlorite also gives good results, according tf 
F. Fenwick.^ 

Bromate ,—On p. 303 the authors discussed the titration 
of arsenic with bromate, according to Zintl and Wattenberg.® 
F. Fenwick (loc. ciL) has applied the bimetallic system. Bro¬ 
mate is rapidly reduced by arsenite in hydrochloric acid solution. 
The end-point is marked by the usual rise in voltage followed by 
a fall in the presence of an excess of titrating agent. The estab¬ 
lishment of potential increases in speed and sharpness with the 
concentration of hydrochloric acid; the endpoint is readily de¬ 
tected in a concentration as low as 5 per cent. If the concentra¬ 
tion of hydrochloric acid does not rise over 8 per cent a selective 
titration of bromate may be made in the presence of any quantity 
of chlorate.” 

Determination of Iodide ,—^Willard and Fenwick applied their 
method to this detennination. A direct titration of iodide with 
hypobromite was not found to be possible because of the slowness 
of the reaction. They therefore add an excess of hypobromite to 
the alkaline iodide solution, dilute to 100 cc. and titrate the excess 
with arsenite after the solution has stood five minutes. 

1“ -t- 30Br- + 3Br-. 

The hypobromite has no oxidizing action on bromide or 
chloride. The solution is made by pouring 40 to 50 g. of bromine 
slowly into a solution of 30 g. of potassium hydroxide in 250 cc. 
of water kept near 0"^ C., and diluting finally to 5 liters. The 
solution is standardized against arsenite. 

The potentiometric titration of iodine with arsenious oxide 
has been described by C. S. Robinson and 0. B. Winter. 

^F. Fenwick, Dissertation, Ann Arbor, Mich. (1923), p. 83. For titration of 
hypochlorite with nitrite, or, better, nitrite titrated with hypochlorite (standardized 
against AS 2 O 3 ), cf. Z. Kertesz, Z. analyt. Chem., 74, 105 (1928); cf. also Z. angew. 
Chem., 86, 595 (1923); 87, 23 (1924). 

® Zintl and Wattenberg, Ber., 66, 472 (1923). 

• C. S. Robinson and O. B. Winter, J. Ind. Eng. Chem., 12, 775 (1918). 
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Chromic Acid. —If the solution contains at least 20 per cent 
of sulphuric acid, bichromate is readily reduced by arsenious 
oxide. A large jump in potential is observed at the end-point. 
According to the investigations of Zintl and Zaimis ^ the method 
has especial advantages in the presence of vanadate, as the latter 
is almost unaffected by the arsenious oxide, even in large excess. 
Fortunately the presence of 60 to 225 mg. of ferric iron prevents 
completely the reduction of the vanadic acid; this fact may be 
used to advantage in the titration of chromic acid in the presence 
of vanadic acid. This titration seems to be of great importance 
for steel analysis especially (cf. p. 351). The titration of chromic 
acid with arsenious oxide can be carried out very rapidly; after 
the reduction is complete, the vanadic acid may be titrated with 
ferrous sulphate. 

Phosphoric acid, nitric acid, molybdic acid and nickel do not 
interfere with the chromic acid titration. In the presence of 
manganese the results are much too low. The arsenic acid which is 
formed in the titration favors the formation of rather stable 
complex manganese compounds of higher valence. The oxida¬ 
tion of manganese by chromic add is here induced by the reaction 
between chromic acid and arsenious oxide, probably due to the 
intermediate formation of quinquivalent chromium as an inter¬ 
mediate unstable product. The latter must have a higher oxida¬ 
tion potential than chromic add. Hence in the presence of man¬ 
ganese the end-point is foimd too early, and on the other hand too 
much ferrous salt is afterward required for the reduction of the 
vanadate, since the complex manganese compound is reduced 
at the same time. 

The influence of cobalt is somewhat similar to that of man¬ 
ganese, though less pronounced. 

In their second paper, Zintl and Zaimis ® discuss the inter¬ 
esting reaction mechanism in more detail, and show especially 
how the influence of manganese can be explained. The following 
suinmary shows their conception of the mechanism: 


^ E. Zintl and P. Zaimis, Z. angew. Chem., 40, 12S8 (1927); (/. also p. 351. 
* E. Zintl and P. Zaimis, Z. angew. Cbem., 41, 543 (1928). 
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+ As“ 

= 2Cr** 

+ As*' 

(fast) 

Cr^ 

+ As“ 

= Cr"' 

+ As*" 

(slow) 


+ 2Mn" 

= Cr™ 

+ 2Mn‘" 'I 



+ Mn"‘ 

= Cr*" 

+ Mn'* ] 

(very fast) 

2Mn“* 

+ As"* 

- 2Mn" 

+ As’' 

(very slow) 

Cr^ 

+ V** 

= Cr" 

+ V"^ 


Viv 

+ Mn"* 

= V’ 

+ Mn‘’ 

(very fast) 


Independently of Zintl and Zaimis, the same titration was 
described by Lang and Zwerina. ® They stated, however, that 
it could be applied only if very small amoimts of vanadiiun were 
present in solution in the presence of chromic acid. If the acidity 
of the solution is decreased the reaction between arsenious acid 
and chromic acid is much too slow to be the basis of a titration. 
If the solution is at least 1 N in mineral acid, a small excess of 
AS 2 O 3 can reduce the chromic acid very readily. Use can be 
made of this fact in the titration of chromic acid in the presence 
of vanadic. A small excess of AS 2 O 3 is added, and one drop of 
1/400 N potassium iodate solution (catalyst), then 0.1 N KMn 04 
until a permanent red color is obtained and the back titration 
with AS 2 O 3 is started, by the potentiometric method. 

Lang and Zwerina also worked out a procedure for the direct 
titration of chromic acid. In the presence of 1 N hydrochloric 
acid the reduction of hexavalent chromium by AS 2 O 3 is a slow 
process; addition of manganous salt induces the reaction very 
favorably. The reaction probably occurs in the following steps: 

Cr^ + As™ + Mn” = Cr™ + As^ + Mn™ . . ( 1 ) 

Then: 

2 Mn™ + As™ = 2 Mn” + As^.( 2 ) 

This reaction, which is rather slow, is accelerated by a trace of 
iodate or iodide. 

Summarizing: 

2Cr^ + 3As™ = 2Cr™ + 3As\ (3) 

Procedure: ( 1 ) To 100 cc. of the solution, which should be 
at least 1 N with respect to hydrochloric acid, 0.4 g. of mkn- 
ganous sulphate is added, and the titration is started. As soon 
as the potential, which increases from the beginning of the titra- 
® R. Lang and J. Zwerina, Z. Elektrochem., 84, 364 (1928). 




350 


REDUCTION WITH ARSENIC TRIOXIDE 


tion, shows a tendency to decrease, add 1 drop of molar KI 
or KIO 3 and proceed drop by drop until the jump occurs. As 
long as no catalyst is present the establishment of the constant 
potential is a slow process; at least 15 minutes are required after 
the addition of reagent before this is the case. 

(2) In order to increase the speed, the catalyst may be added 
at the start of the titration. In this case the solution should 
contain 5-7 cc. of concentrated H 2 SO 4 , 10 cc. concentrated HCl, 
0.4 g. of manganous sulphate and one drop of catalyst per 100 cc., 
at the beginning of the titration. Near the end-point the titra¬ 
tion must be carried out very slowly. If the approximate chro¬ 
mate content is known or has been estimated previously, pro¬ 
cedure (1) is preferable. Almost the theoretical amount of 
reagent is added at once, then the catalyst, and the titration is 
continued to the end-point. 

The vanadate can be titrated with ferrous sulphate after 
the reduction of the chromate. 

Lang and Zwerina describe a procedure for the complete 
oxidation of the chromium and vanadium before the titration is 
started. 

Zintl and Zaimis criticize the paper of Lang and Zwerina, 
and claim that their own method is much simpler. The chromate 
can be determined in the presence of large amounts of vanadate, if 
care is taken to add the proper amount of manganese salt as a 
catalyst. Its amount may not be too large nor too small, or 
errors will occur. 

The following table given by Zintl and Zaimis shows, however, 
that the manganese concentration is only slightly dependent 
upon the vanadate concentration: 

Amount of vanadate, mg. 0-120 100-250 200-500 

Manganese” to add, mg.0.05-0.08 0,1 -0.2 0,2-0.3 

They emphasize the fact that hydrochloric acid should be 
absent. The solution must be acidified with sulphuric acid (25 
ner cent of H2SO4 in the solution). 

In their second paper, Zintl and Zaimis reported on the 

E. 23htl and P. Zaimis, Z. Elektrochem., 41, 714 (1928). 

E. Zintl and P. Zaimis, Z. angew. Chem., 41,543 (1928). 
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application of their method to the determination of chromium 
and vanadium in steel. The results show conclusively that the 
method is valuable. In cases where tungsten is present, the 
method is still applicable to the titration of chromate; the tung¬ 
state interferes, however, with the determination of vanadate 
with ferrous sulphate, probably due to complex formation. In 
order to avoid this, Zintl and Zaimis add an excess of phosphoric 
acid, which forms a complex with tungstic acid. Up to 50 mg. of 
W are made harmless by the addition of 10 cc., up to 85 mg. of 
W by 30 cc. of 84 per cent phosphoric acid (sp. gr. 1.74). Not 
more than 50 cc. of phosphoric acid should be added, as the mag¬ 
nitude of the jomp in potential decreases too much. In any 
event, 30 cc. of phosphoric acid suiSTice for steels which contain 20 
per cent of tungsten. The values of the inflection-potentials are 
somewhat affected by the addition of the phosphoric acid. 

Application to the Analysis of StceL —^As large quantities of 
manganese interfere, Zintl and Zaimis remove this element before 
starting the titration. Afterwards the required and most 
favorable amount of manganous salt is added. Moreover, the 
jump in potential after the titration of vanadium is more pro¬ 
nounced the less iron is present, and therefore this metal is also 
removed. 

Procedure: The finely divided sample (0.5 to 5 g., dependent upon the 
Cr and V content) is fused in an iron crucible with sodium peroxide, using 
6-8 g. of sodium peroxide per gram of steel. After mixing the sample with 
the peroxide, the mixture is slowly heated, first over a small flame, until the 
mixture is melt cd. The crucible is covered, and the heating over a full flame 
is continued until no more small particles are visible (about 10 minutes; 
the crucible is repeatedly shaken during tlie heating). After cooling (water), 
the crucible and its contents are heated over a small flame in a covered 
beaker with 100 cc. of 2 N NaOH. After the solution is complete, the cru¬ 
cible is taken out, cleaned and washed out with as little water as possible. 
In case a part of the melt is still insoluble, the fusion is repeated with a little 
sodium peroxide, and treated as described above. Under these conditions 
the iron (and Co, Ni, and Mn peroxides, respectively) do not adsorb any 
chromate or vanadate. The solution above the precipitate is usually green 
(manganate) or red (ferrate). Several cc. of 3 per cent HjOa are added, 
with stirring, and the mixture is boiled for 10 minutes. The excess of 
peroxide is then d^omposed, and the solution should be pure yellow. The 
mixture is filtered on a sintered glass Buchner funnel (not a porous porcelain 
filter which adsorbs CrOs), and washed with warm 2 N NaOH. After 
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cooling, the mixture is transferred to a volumetric flask, and mixed after 
diluting to the mark. Dependent upon the Cr and V content, 20-100 cc, 
are pipetted into the beaker, in which the titration is to be performed, and 
then 100 cc. of cold (1:1) sulphuric acid are added carefully (CO 2 evolved), 
and the 2-3 cc. of MnSOi solution (120 mg. MnS 047 H 20 per liter), and if 
necessary, water until the volume is 300 cc. The titration with AS 2 O 8 is 
then started, and the chromate is reduced to Cr’”. If the solution contains 
timgstic acid, 30 cc. of concentrated lIaP 04 (sp. gr. 1.74) are added. The 
titration is performed at room temperature. After reaching the equiva¬ 
lence-point, the vanadate is titrated potentiometrically with ferrous sul¬ 
phate (probably diphenylamine or diphenyl benzidine could be used as 
indicator).^2 xhe platinum electrode is cleaned after each titration in hot 
chromic-sulphuric acid and rinsed with water. 

»C/. N. H. Furman, Ind. Eng. Chem., 17, 315 (1925); I. M. Kolthoff and 
E. B. Sandell, Ind. Eng. Chem., Analyt. Ed., 2, 140 (1930). 
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General Considerations .—Titanous salts are among the 
strongest reducing agents used in analytical chemistry. The 
reduction-potential depends to a large extent upon the hydrogen- 
ion concentration. For example, B. Diethelm and F. Foerster ^ 
found a value of +0.120 volt (against normal hydrogen elec¬ 
trode) for the normal potential when the solution was irV molar 
in titanous ion and 4 N in sulphuric acid; in 0.4 N acid the value 
was —0.01 volt. The potential is also dependent upon the total 
quantity of titanium, and decreases with increasing titanium 
content. 

I. M. Kolthojff 2 made measurements with a titanous chloride 
solution which was 0.036 molar in titanous, and 0.0435 molar 


in titanic ions; hence 


[Ti" 


[Ti j 


= 0.83. Five cubic centimeters 


of this solution were added to 100 cc. of the liquid. In the fol¬ 
lowing table we see the influence of hydrochloric acid. The 
measurements were made against tlie normal calomel electrode. 


Concentration 

HCl 

€c‘ 

ec Corrected 
for Chloride 
Influence 

0.036 N 

-0.342 

-0.342 

0.136 N 

-0.318 

-0.313 

0.24 N 

-0.290 

-0.278 

0.44 N 

-0.260 

-0.238 


^ B. Diethelm and F. Foerster, Z. physik. Chem., 62, 138 (1908), 
* I. M. Kolthoff, Rec, trav. chim., 48, 768 140 (1924). 
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The correction for chloride ion which was applied to yield 
the figures in the third column was derived from a special series 
of measurements. Kolthoff also determined the reduction 
potential at low hydrogen-ion concentration by adding a little 
soda (down to = 3), or a buffer mixture. The results are 
given in the following table. 


Sail Added 


pii 

Remarks 

Soda. 

-0.378 

2 

Clear solution 

Soda. 

-0.410 

2.6 

Clear solution 

Soda.■. 

-0.440 

3.0 

Clear solution 

5 g. potassium biphthalatc. 

-0.428 

3.1 

Brownish green 
Gelatinous ppt. 

5 g. sodium phosphate (primary). . . 

-0.322 

4.8 

Light violet ppt. 

5 g. sodium oxalate. 

-0.548 

4.95 

Liquid yellow-brown 

5 g. Rochelle salt. 

-0.508 

5 

Liquid light yellow 

5 g. sodium acetate. 

-0.564 

5.5 

Little steel gray ppt. 

5 g. sodium nitrate. 

-0.526 

5.9 

Liquid almost colorless 

5 g. sodium phosphate (secondary).. 

-0.320 

6.8 

Violet precipitate 


It is rather risky to draw definite conclusions from the results 
in the table. In the cases where a rather large precipitate was 
formed (experiments with phthalate and phosphate), the compo¬ 
sition of the solution is no longer known. If a solution of pR 
greater than 4 remains clear, the greater part of the tri- and 
quadrivalent titanium must be in the form of complexes. From 
his results Kolthoff concludes that the oxidation-reduction 
potential of titanic-titanous solution is given by the equation: 

E = €0 + 0.059 log at 25° C. 

8o is equal to -f0.03 volt referred to the normal hydrogen 
electrode. The fact that the reducing action of a titanous solu¬ 
tion increases considerably with decreasing hydrogen-ion con¬ 
centration is of importance in analysis. For example, while 
cupric ions are reduced to cuprous in acid solutions, in the pres¬ 
ence of an excess of tartrate ions the reaction appears to go 
one stage farther, i.e., to metallic copper. Bismuth and lead 
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solutions also give an immediate separation of metal upon the 
addition of titanous solution if an excess of tartrate is present. 
Titrations of dyestuffs are generally made in tartrate or other 
buffer solutions because the oxidation-reduction potentials of 
dyestuff systems, as well as that of the titanous solution, depend 
upon hydrogenion concentration. 

Reagents ,—Titanous sulphate and titanous chloride are used 
as reagents. Titanous sulphate may be prepared by the elec¬ 
trolytic reduction of the titanic salt according to Thornton 
and Chapman.^ 

Titanous chloride is generally brought on the market as a 
20 per cent solution in rather concentrated hydrochloric acid. 
The chief impurity in almost all of these samples is iron, the 
content of which may vary from a trace to considerable quanti¬ 
ties. According to E. Knecht and E. Hibbert,^ small quanti¬ 
ties of ferrous chloride have no effect upon most determinations. 
It is desirable to work with iron-free solutions for accurate 
potentiometric titrations. I. M. Kolthoff and O. Tomicek ^ 
purified their solutions according to E. Polidori.^ 

The commercial solution is cooled in a mixture of ice and salt 
and saturated with a stream of hydrogen chloride gas. It is 
then allowed to stand in the freezing mixture until as much of 
the titanous chloride as possible has separated. The violet crys¬ 
tals of TiCU *61120 are collected as quickly as possible by suc¬ 
tion and are washed with ice-cold hydrochloric acid. The 
crystals oxidize rapidly in air. A 20 per cent solution in 20 
per cent hydrochloric acid is prepared. Fifty cubic centimeters 
of this solution are boiled for one minute with 100 cc. of 25 
per cent hydrochloric acid; after cooling, the mixture is made 
up to 2\ liters, transferred to a stock bottle, and so preserved 
that it can not be attacked by air. 

It is quite easy to detect the presence of iron qualitatively, 
A little of the solution is boiled with, nitric acid. On cooling, 

® W. M. Thonfton, Jr., and J, E. Chapman, J. Am. Chem. Soc., 43, 91 (1921). 

* E. Knecht and E. Hibbert, New Reduction Methods in Volumetric Analysis 
(1925). Published by Longmans, Green & Co., London. 

* I. M. Kolthoff and O. Tomicek, Rec, trav. chim., 43, 775 (1924). 

®E. Polidori, Z. anoig. Chem., 19, 306 (1899). 
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the presence of ferric ion can be detected by the thiocyanate 
reaction. The purified preparation only gave a weak rose 
coloration; the purest sample from the La Motte Company 
gave a clear reaction. The iron content of the titanous solu¬ 
tion can be easily determined potentiometrically by titration 
with potassium bichromate. The titration is best made by 
allowing the titanous solution, diluted with hydrochloric acid, 
to flow from a burette into the bichromate solution. The latter 
is reduced to the chromic stage, and at the same time any iron 
present in the titanous solution is oxidized to the ferric condi¬ 
tion by the excess of bichromate. When all of the bichromate 
is reduced, a single drop of titanous solution causes the potential 
to fall from the high bichromate value to the very low titanous 
voltage. 

If the titanous solution contains iron, ferric ion reacts after 
the bichromate has been reduced in the sense of the equation: 

In such a case there are therefore two breaks in potential, one 
after the reduction of bichromate, the other after the reduction 
of the ferric ions. The quantity of reagent used between the 
first and second jumps corresponds to the iron content of the 
solution. By this method Kolthoff and Tomicek {loc, cU,) 
found 2^ per cent of iron, reckoned on the titanium content, in 
a Kahlbaum preparation; 0 per cent after purification (Poli- 
dori); and 0.25 per cent in a La Motte preparation. The sample 
from the latter company also contained hydrogen sulphide. 

Stability of the Solution; Apparatus ,—The solution must be 
carefully protected from air. The strongly acid titanous solu¬ 
tion attacks rubuer. Care must therefore be taken that the 
solution never comes in contact with rubber during storage, 
or transfer to the burette. For this purpose Kolthoff 4nd 
TomiCek used an apparatus of the same style as that of W. M. 
Thornton, Jr., and E. Chapman.*^ The solutionis placed in the 
storage bottle, B. The T-tube, C, ends above the liquid in B; 
one end of C is connected with the hydrogen generator, the other 

7 W. M. Thornton, Jr., and £. Chapman, J. Am. Chem. Soc., 48, 91 (1921). 
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with the top of the burette, E. Oxidation of the titanous solution 
by air is thus prevented. The siphon tube, D, reaches to the 
bottom of the storage bottle and is joined to the burette by a 
small piece of rubber tube. The action of the solution on the 
rubber is prevented by bringing the ends of the two glass tubes 
into contact. The burette is filled by opening the tap, Ai. 
The tube, F, is sealed to the burette; its lower end is a very 
fine tip which delivers drops of 0.025 to 0.03 cc. each. 


c 



Upon opening stop-cock A 2 the titanous solution is brought 
into the titration vessel, I. The advantage of the bent tube, 
F, is that the burette is not warmed when a hot liquid is being 
titrated. The titration vessel, I, is closed with a six-hole rubber 
stopper. The end of F passes through the middle hole; the 
platinum electrode passes through another; through a third 
passes the siphon tube, filled with saturated potassium chloride 
solution, which leads to the normal calomel electrode vessel. 
Two other openings serve for the entrance and exit of carbon 
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dioxide, which is passed through the solution during titrations. 
(The gas is purified by successive passage through titanous 
chloride solution and water.) The thermometer, T, fills the 
remaining hole in the stopper. 

Zintl and Rienacker® describe the following apparatus for 
the storage of titanous chloride. The burette A, is filled from 
the solution in the storage bottle C, by suction through the 
Bunsen valve D cock E being opened, and cocks F and B closed. 
The solution rises in the tube G, because of pressure of hydrogen 

at H, and fills the burette. 
Then E is closed, and F opened. 
By means of this arrangement 
contamination of the solution 
that passes into the burette is 
avoided, since it does not pass 
any greased stopcock. The 
apparatus is disconnected at J 
and K (rubber connections) 
when it is to be cleaned. 

If care is exercised the solu¬ 
tion is quite stable. W. M. 
Clark and B. Cohen ([private 
communication) were able to 
keep a titanous solution un¬ 
changed in strength for several 
months. After fourteen days 
KolthofI and Tomicek found a 
decrease in strength in their 
solution of 0.2 per cent. In general, it is recommended that 
the titer of the solution be determined every day. 

Standardization of the Solution ,—^According to W. S. Hen- 
drixson,® iodate and bromate may be titrated very accurately 
with titanous solution. Hendrixson used titanous sulphate as 
a reagent with sulphuric acid solutions. Kolthoff and Tomicek 

‘ £. Zintl and G. Rienacker, Z. anoiig. allgem. Chem., 155, 84 (1926). 

• W. S. Hendrixson, J. Am. Chem. Soc., 45, 2013 (1923). C/. ^so Hendrixson 
and L. M. Verbeck, ihid„ 44, 2382 (1922). 



f'lG. 74,—Burette and storage vessel of 
Zintl and Rienacker. 
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failed to obtain good results when hydrochloric acid was used, 
because of the formation of volatile halogen compounds or of 
free halogen. 

Pure potassium bichromate is a very suitable standard sub¬ 
stance. Potassium fcrricyanide and ferric ammonium alum 
may also be recommended. The former is obtained by rapid 
recrystdUzation from water and drying at 100°.^^ The ferric 
ammonium alum is obtained in the pure state by two recrystal¬ 
lizations from, water. The salt is then dried in a desiccator at 
the vapor tension given by saturated sugar and NaCl solution 
in contact with excess of the two solids (about 70 per cent 
humidity at room temperature). 

The titrations are made in hydrochloric acid solution. When 
iron is absent there is only one break in potential; if it is present 
two breaks occur (r/. p. 356). With ferricyanide as a standard 
substance, only one break is found; it corresponds to the first 
in the titration of bichromate. The iron of the titanous solu¬ 
tion is oxidized to the ferric state by the ferricyanide and is 
then removed as ferric ferrocyanide, which does not react—at 
least not rapidly—with an excess of titanous salt. If the titer 
is determined with ferric alum as standard substance, the break 
in potential naturally corresponds with the second break found 
in the bichromate titration. 

E. Zintl and A. Rauch recommend the use of a cupric 
salt solution for the standardization of titanous chloride solu¬ 
tions. In the opinion of the authors, the titration of cupric 
salt with this reducing agent does not give as accurate results 
as that of ferric salt or bichromate. Hence, the use of the latter 
standard substances is preferable. 

Application of Titanous Solution to Titration of Cations ,— 
Ferric Iron: This titration gives excellent results.^^ In the 
region of the end-point the last traces of iron are reduced slowly, 
so that one must wait a relatively long time for the potential 

“I. M. Kolthoff, Phami. Weekblad, 69, 66 (1922). 

E. Zintl and A. Rauch, Z. Elektro^em., 31,428 (1925). C/. also I. M. Kolt¬ 
hoff, O. TomiCek and C. Robinson, Z. anorg. allgem. Chem., 160, 157 (1925); 
E. Zintl, Uem, 162, 35 (1926). 

wi. M. Kolthoff and O. Tomi6ek, Rec. trav. chim., 43, 798 (1924). 



360 


REDUCTION WITH TITANOUS SALTS 


to become steady. If the titration is made at 50°-~60®, results 
are obtained much more rapidly and with as great accuracy 
as at room temperature. Inflection-potential, 0.100 volt (against 
N.C.E.). The titration may be made in the presence of a large 
excess of Rochelle salt. (This is of importance in the titration 
of dyestuffs.) The best results are obtained at 50°”90°. The 
value of the inflection-potential depends on the quantity of 
tartrate added: the more of the latter present, the lower its value. 
In a definite instance—with 10 g. Rochelle salt—it was —0.300 
volt. The titration does not give good results in the presence of 
fluoride. 

A. M. McMillan and W. C. Ferguson have applied this 
potentiometric titration to the determination of iron in alloys. 
The reduction of ferric iron by titanous (or chromous) ions is, 
according to Zintl and Schloffer,'^ always slow at the end if 
chloride is present. They found, however, that a small amount 
of bismuth chloride (at least 7 mg. per 100 cc.) acts as a strong 
accelerator if the concentration of the hydrochloric acid is not 
greater than 10 per cent. The reducing agent reduces the bis¬ 
muth rapidly to finely divided metallic bismuth, and the latter 
goes quickly into solution as it is oxidized by the ferric iron. 
Inflection-potential (against Hg|Hg2S04|2NH2S04)—0.400 volt. 

If the solution does not contain any chloride, but is acidified 
with sulphuric acid, the reduction of the ferric ions takes 
place very rapidly. In this case titanous sulphate rather than 
titanous chloride should be used as a titrating reagent. Zintl and 
Schloffer use chromous sulphate {cf, p. 382, where details are 
given). 

King and Washbume constructed an apparatus in which 
the titration of ferric iron with titanous salt can be made at very 
high dilutions. Even traces of iron as small as 0.3-0.5 mg. 
could be titrated with an accxiracy of 0.1 per cent. 

Copper. —E. Zintl and H. Wattenberg^^ add an excess of 

”A. M. McMillan and W. C. Ferguson, J. Soc. Chem. Ind., 44, 141 (1925). 

E. Zintl and F. Schloffer, Z. angew. Chem., 41, 956 (1929). 

« J. F. King and R. N. Washbume, J. Phys. Chem., 80, 1688 (1926); rf. also 
J. F. King and F. H. Howard, J. Biol. Chem., 75, 27 (1927). 

E. Zintl and H. Wattenberg, Ber., 55, 3366 (1922). 
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titanous chloride solution to the cupric salt and then titrate 
with bromate (c/. p. 303). H. H. Willard and F. Fenwick 
state in a brief note that the direct titration of copper with 
titanous sulphate gives satisfactory results. They give no 
further details. 

Kolthoff and Tomicek {loc. cit) found that too much reagent 
was used before the jump in potential occurred, the error being 
about 1 per cent.^® Inflection-potential, about —0.30 volt 
(against N.C.E.) On the other hand, good results were obtained 
when the titration was made in the presence of sufficient potas¬ 
sium thiocyanate or iodide, whose cuprous salts are inscduble. 
The inflection-potential is higher in these cases: with thiocyanate 
present it is 0.00 volt (against N.C.E.), and with iodide, -f 0.080 
volt. In the presence of an excess of Rochelle salt too much 
reagent is used whether the solution is at room temperature or is 
warmed. (Error, 1-3 per cent.) If iodide is also present the 
results are satisfactory. Inflection-potential, —0.60 volt. The 
titration may be carried out at 55®. When potassium thio¬ 
cyanate is used instead of iodide there is an appreciable deviation 
from the theoretical values. 

Ferric and Cupric Salts .—^According to Kolthoff and Tomi¬ 
cek ferric salts are reduced first. The jump in potential 
after the reduction of the iron is small, and good results are only 
obtained when the determination is made in acid solution at 
room temperature. Inflection-potential after iron reduction, 
0.265 volt (against N.C.E.). If one titrates slowly to this 
potential, good results are obtained. After the reduction of 
the iron, 0.5 g. of potassium thiocyanate is added and the copper 
is determined as described above. If the ratio between the 
concentrations of ferric and cupric ions is unfavorable it is 
difficult to determine the first break in potential accurately. 

Zintl and Schloffer found the differential titration of iron 
in the presence of copper with titanous sulphate to be unsatis- 

H, H. Willard and F. Fenwick, J. Am. Chem. Soc., 45, 933 (1923). 

T. F. Buehrer and O. E. Schupp, J. Ind. Eng. Chem., 18,12 (1926), confirmed 
tills statement. 

I. M. Kolthoff and 0, Tomi^fek, Rec. trav, chim., 48, 812 (1924). 

E. Zintl and F. Schloffer, Z. angew. Chem., 41, 956 (1928). 
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factory. The jump in potential is, as Tomicek had previously 
noticed, not very pronounced. 

Zintl and Schloffer found that much better results are obtained 
if chloride is absent, the solution being acidified with sulphuric 
acid. In this case titanous sulphate instead of the chloride 
should be used as a reagent. After the reduction of the ferric 
iron a marked jump in potential occurs, and thereafter the copper 
is reduced—^partly via the cuprous state—to metallic copper. 
Zintl and Schloffer use chromous sulphate as a reagent (for details 
cf, p. 382 of this book). 

Antimony, —E. Zintl and H. Wattenberg^i reduce quinqui¬ 
valent antimony with an excess of titanous chloride. Kolthoff 
and Tomicek (Joe, cit,^ p. 802) apply the direct titration. The 
reduction goes extremely slowly at room temperature and the 
results are poor. On the other hand, the reduction is relatively 
rapid at 90-95®, and a determination may be made in half an 
hour. Inflection-potential, -f-0.160 volt. The presence of 
arsenate has no disturbing effect on the direct titration of anti- 
monate. When an arsenate solution is warmed for a long time 
with an excess of titanous solution, reduction takes place; 
finally arsenic itself is precipitated. 

Antimony and Iron, —^Although the oxidation-potential for 
quinquivalent antimony is but slightly different from that of 
ferric iron, we may make use of the slow reduction of antimony 
to estimate iron in its presence. The titration is made at room 
temperature, slowly near the end-point. After the potential 
break has been located the solution is warmed to 90°-95® and 
the quinquivalent antimony is reduced to the trivalent state. 

The titration of copper in tlte presence of quinquivalent anti¬ 
mony is not so simple as the above. The cuprous salt which 
is formed acts as a catalyst in the reduction of the antimony. 
Useful results are obtained only when the titration is made in 
tartrate medium in the presence of potassium iodide. 

Uranium, —^Uranyl salts are reduced to quadrivalent uranous 
ions: 

UO 2 ++ + 4H+ + 2 © U++++ + 2 H 2 O. 

£. Zintl and H. Wattenbeig, Ber., 56,472 (1923). 
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According to KolthofI and Tomicek {loc, ciL, p. 804) the results 
of the titration are satisfactory for hydrochloric acid solutions. 
If the work is done at room temperature, a long time elapses 
after each addition of reagent before the potential is constant; 
if the titration is made with the solution at 55°-60°, good values 
are obtained relatively rapidly. The more acid the solution, 
the higher is the potential during the titration; the inflection- 
potential depends upon the acidity. In 10 per cent hydro¬ 
chloric acid it was +0.040 volt; in 1.25 per cent HCl, —0.130 
volt (against N.C.E.). Excellent results are obtained in the 
presence of an excess of tartrate; it is therefore recommended 
that the titration be made with much Rochelle salt present 
(accuracy, 0.2 per cent). Inflection-potential, —0.380 volt; 
temperature, 75°. Particular care must be exercised in shielding 
the solution from air, because uranous salts are easily oxidized. 

Ferric and uranyl salts may be easily determined in the 
presence of each other (Kolthoff and Tomicek, loc, cii,^ p. 814). 
The ferric salt is first reduced. The determination may be made 
in hydrochloric acid solution. After the reduction of the iron 
it is well to add an excess of Rochelle salt. The first inflection- 
potential (completion of reduction of ferric to ferrous ion) is 
0.240 volt. The results are accurate. 

Determination of Mercuric Mercury .—^According to Zintl 
and Rienacker^^ the mercuric content of a salt may easily be 
determined by titration with titanous chloride. The solution 
is treated with 2 g. tartaric acid, 3 to 10 g. of ammonium acetate 
(depending upon the acidity of the solution), 15 g. of ammonium 
chloride, and 5 to 10 cc. of 0.1 N bismuth chloride solution, and 
diluted to 200 cc. The air is removed by passing a current of 
carbon dioxide through and boiling. After cooling, the liquid is 
titrated. The inflection-potential is —0.080 volt (against 
N.C.E.). The titration gives very accurate results. 

The addition of tartaric add is for the purpose of keeping 
the titanic add in solution; the excess of ammonium chloride 
is necessary, since otherwise some calomel is formed as well as 
metallic mercury. On account of side reactions, as yet unex- 
** £. Zintl and G. Rien^cker, Z. anorg. allgem. Chem., 155, 84 (1926). 
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plained, the titration does not give accurate results if there is no 
bismuth salt present. The metallic bismuth, formed by local 
excess of reagent, reacts immediately with the mercuric ions 
to form metallic mercury. The bismuth is reduced after the 
quantitative precipitation of all of the mercury. The method 
may be applied for the separate determination of mercury and 
bismuth {cf. Titration of Bismuth, below). 

Zintl and Rienacker recommend that the platinum electrode 
be cleaned after each determination with nitric acid, followed 
by rubbing with emery paper and glowing. 

Nitrate interferes; tin, lead, cadmium, bismuth, trivalent 
arsenic, and antimony have no influence. Quinquivalent arsenic 
and antimony are partially reduced along with the mercuric salt. 
Cupric copper is reduced at the same time as the mercuric salt; 
hence the two are determined together. In another sample of 
the solution, the copper can be titrated separately by acidifying 
with acetic acid and adding thiocyanate (cf. p. 361). 

Ferric salts interfere; small amounts can be made harmless by 
the addition of 1 g. of sodium pyrophosphate (formation of com¬ 
plex iron pyrophosphate). However, in the presence of the latter 
salt, the ferrous iron, which may be present as an impurity in the 
titanous solution {cf. p. 356) has an interfering action, as it 
reduces the mercuric salt to the metallic state. In the absence 
of pyrophosphate the ferrous iron is without influence on the 
result. Therefore we might suggest that the use of pyrophosphate 
be discarded, and that the ferric iron—^if present—^be reduced 
in acid medium with titanous solution. 

Bismuth .—In weakly acid solution bismuth ions are reduced 
to metal by titanous chloride. E. Zintl and A. Rauch have 
applied this fact in the potentiometric titration of bismuth 
salts. The reduction goes very slowly at room temperature; 
at 80° the potential soon becomes constant. Titanic acid also 
separates in the warm, weakly add solution at the same time as 
the finely divided bismuth. Since this titanic add indudes 
some bismuth salt, Zintl and Rauch add tartaric add, which 
prevents the predpitation of titanic acid. The bismuth pre- 
** £. Zintl and A. Rauch, Z. anoxg. Chem., 89, 397 (1924). 
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cipitates as a dark powder which is deposited in floes on the 
platinum electrode during the titration. Under these condi¬ 
tions the results are irregular, often differing by several per 
cent from the correct value. Hence care must be taken that 
the electrode is not entirely covered with bismuth. In this 
way accurate results are obtained. The electrode must be 
ignited after a few successive titrations. It must be cleaned in a 
bichromate-sulphuric acid bath before every titration. The 
sharpness of the potential break is dependent upon the acid con¬ 
centration. The free hydrochloric acid content may not exceed 
0.5 per cent. The bismuth is kept in solution by the addition 
of sufficient tartaric acid and sodium chloride. Carbon diox¬ 
ide is passed through the solution during the titration. Inflec¬ 
tion-potential, 0.140 volt (against N.C.E.). Maximum error, 
1 drop 0.1 N TiCls, which equals 0.2 mg. bismuth. 

Nitrate has a disturbing effect. In the presence of acetic 
acid—acetate buffer, the jump in potential after the complete 
precipitation of the bismuth is much greater than in dilute 
hydrochloric acid solution. Enough acetate must be added to 
bind all free mineral acid. Sodium chloride is added if the 
solution becomes turbid. Tartaric acid may also be added. 
The best results are found when the solution is warm during the 
titration (80®). Inflection-potential, —0.340 volt (against 
N.C.E.). When Miillcr’s method is followed the titration 
gives a good result in two minutes^ time. Nitrate must be 
absent. The authors suggest that the titration will also be 
successful in the presence of a large excess of Rochelle salt. 
This bismuth titration, as described by Zintl and Rauch, is of 
special advantage when the solution contains lead. When the 
titration is made with dilute hydrochloric acid or acetate medium 
(great excess of ammonium acetate), bismuth alone is.precipi¬ 
tated. 

In a further study of the subject, E. Zintl and A. Rauch 
give the details of the determination of bismuth in the presence 
of other metals. It may be concluded from their results that 
the titration does not give theoretical results in either hydro- 
E. Zintl and A. Rauch, Z. anorg. allgem. Chem., 146, 291 (1925). 
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chloric or acetic acid media. A 1.2 per cent excess of titanous 
chloride is required, probably on account of bismuth hydride 
formation. According to Zintl and Rauch, the deviation is 
constant and is independent of the nature of the solution. In 
the presence of cupric copper, or of iron salts, the excess is dimin¬ 
ished to 0.6 per cent. The authors believe that a further system¬ 
atic study of this method of titration is necessary. 

A jump in potential occurs at the completion of the reduction 
of ferric salts, after which the bismuth is precipitated. Cupric 
copper, if present, is reduced to the cuprous condition before 
the beginning of the reduction of bismuth to metal. A jump in 
potential occurs at the end of each of these processes. Finally, 
cuprous copper is reduced to the metallic condition. Zintl and 
Rauch recommend the addition of as much as 5 to 10 per cent of 
sodium chloride in order to prevent the simultaneous precipitation 
of metallic bismuth and copper. The sodium chloride forms a 
complex with the cuprous chloride. The titration must be made 
in hydrochloric acid solution if iron and copper salts are present. 
In this instance the determination is not possible in the presence 
of acetic acid and acetate. The titration must be carried out in 
acetate medium if stannic tin is present. If the solution contains 
only hydrochloric acid and chlorides, cadmium and arsenic do 
not interfere. The presence of antimony, however, makes the 
bismuth determination impossible. 

Gold .—^According to E. Zintl and A. Rauch,^® the gold of an 
auric salt solution is reduced to the aurous form and then to the 
metallic state by warm titanous chloride solution in a hydro¬ 
chloric acid medium. Before the beginning of the titration they 
add several drops of potassium bromatc in order to be sure that 
all of the gold is present in the auric form. Muller and Weis- 
brod^® prefer the use of chlorine water. In the titration with 
the reducing agent, the first jump in potential occurs at the 
point where all of the bromate is reduced, the second after 
quantitative reduction of the gold to the metallic state. The 
first inflection-potential lies at 0.760 volt, the second at 0.240 

^ E. Zintl and A. Rauch, Z. Elektrochem., 31, 428 (1925). 

^ E. Muller and F. Weisbrod, Z. anorg. allgem. Chem., 109, 394 (1928). 
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volt against the saturated calomel electrode. Even very small 
amounts of gold—as little as a few milligrams—may be deter¬ 
mined with great accuracy (about 1 per cent). Mercury, tin, 
lead and bismuth do not interfere. 

According to Miiller and Stein,too much reagent is used if 
the procedure of Zintl and Rauch is followed. In dilute solu¬ 
tions the error amounts to about 2 per cent. Muller and Stein 
ascribe this to a decomposition of the titanous chloride which is 
catalyzed by the presence of metallic gold, although this has not 
been proved in a convincing way. Zintl and Rauch’s method 
can, however, be used if the titanous solution is standardized 
against gold under the same conditions under which the deter¬ 
mination is made. In the opinion of the authors, this procedure 
is hardly to be recommended for accurate work, since the factors 
which determine the deviation from the theoretical value seem 
quite variable. 

In the presence of platinum a jump in potential is observed 
after the reduction of the gold, and then another jump is found 
at the end of the reduction of Pt*'" to Pt“. The procedure 
does not give highly accurate results. 

In the presence of cupric solution the gold is first reduced, 
and then cupric reduced to cuprous ion. 

Ferric iron and gold establish an equilibrium in hydrochloric 
acid solution. The ferric ions are bound in a complex, however, 
by the addition of phosphoric acid, and the titration of gold is 
then possible. 

Thallium .—According to Zintl and Rienacker,^® the titration 
of a thallic solution with titanous chloride must be carried out at 
an elevated temperature (80'') in the presence of a large excess of 
ammonium acetate. One gram of ammonium fluoride is added 
in order to prevent the precipitation of titanic hydroxide, and 
10 g. of potassium chloride are added in order to prevent the pre¬ 
cipitation of thallic hydroxide. A large jump in potential occurs 
at the equivalence-point. The titration has not much practical 
importance. 

27 E, Miiller and W. Stein, Z. Elektrochem., 86, 376 (1930). 

2® E. Zintl and G. Rienacker, Z. anorg. allgem. Chem., 168, 278 (1926). 
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Titration of Platinum Metals .—In a preliminary paper, F. 
Muller described the titration curves of palladium, platinum, 
ruthenium, rhodium, and iridium salts with titanous chloride, 
without stating anything definite about the accuracy of the 
method. The presence of acetate or citrate increases the leap in 
potential. 

According to Zintl and Zaimis,^^ trivalent ruthenium salts 
are reduced to the divalent state in cold solution which contains a 
large excess of hydrochloric acid by chromous or titanous chloride. 
Near the inflection-point the change in potential is, however, 
very slow, and the method is not therefore to be recommended 
for an analytical determination of ruthenium. After the reduc¬ 
tion to the divalent form (yellow solution) an excess of the 
reductant gives rise to the formation of a blue solution due to the 
presence of univalent ruthenium ion. 

Treadwell and Ziircher^^ titrate platinum, gold, palladium, 
osmium, rhodium, ruthenium, and iridium at 70in the presence 
of an excess of acetate. If gold is present with platinum, the 
gold is reduced first. 

Miiller and Stein made an extensive study of the titration 
of chloroplatinic acid with titanous chloride in the absence 
of oxygen. In order to be certain that all platinum is present 
in the quadrivalent form, they add a small excess of chlorine 
water. Upon titration with titanous chloride, a sharp break 
in potential occurs after the complete reduction of free chlorine. 
Quadrivalent platinum is then reduced: Pt++‘*'+ -f 2e = Pt+‘^. 
If the hydrochloric acid concentration of the solution is very 
small, a break in potential occurs after the formation of biva¬ 
lent platinum. This break, however, does not appear exactly 
at the point where all Pt*^ is reduced to Pt", but somewhat 
later. Upon continued addition of titanous chloride the plat¬ 
inum is reduced to metallic platinum. Again the jump occurs 
too late. In the presence of large amounts of hydrochloric add 

« F. Muller, Z. analyt. Chem., 69, 168 (1926). 

*®E. Zintl and P. Zaimis, Ber., 60, 842 (1927). 

W. D, Treadwell and M, ZUrcher, Hdv, Chim. Acta, 10, 281 (1927). 

**E. Muller and W. Stein, Z. Elektrochem., 86, 220 (1930). 
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the reduction does not go farther than Pt“ (H 2 PtCl 4 ). A long 
time is required before the potential becomes constant. Midler 
and Stein recommend the following procedure for analytical 
purposes: To the solution of chloroplatinic acid are added 1 cc. 
of 6N HCl and several drops of chlorine water. After nitrogen, 
free of oxygen, has been passed through for some time, the excess 
of chlorine is titrated back with titanous chloride. After the 
first jump in potential, the solution is heated to 60® and the 
platinic ion is reduced to platinous. It is necessary to stir well 
and to add the titanous chloride slowly, in order to prevent the 
formation of metallic platinum. The titration is stopped after 
all Pt^^ has been reduced to Pt“. 

Ruthenium .—Quadrivalent ruthenium is reduced quantita¬ 
tively to the trivalent state by titanous chloride. According to 
the accurate measurements of Crowell and Yost the break in 
potential is very sharp when the titration is carried out kt 80®. 
Formerly, Zintl and Zaimis had stated that the leap in poten¬ 
tial occurs at the point where bivalent ruthenium is reduced to 
the univalent state. Crowell and Yost showed, however, 
that the original solution of Zintl and Zaimis contained a mixture 
of quadri- and trivalent Ru. In order to get good results, the 
solution is treated with chlorine (complete oxidation to the 
quadrivalent state), the excess being boiled off before the titra¬ 
tion is started. (Probably it is not necessary to remove all the 
chlorine, since this oxidant will be reduced by the TiCla before 
the Ru ^ is attacked.) 

Osmium .—Octavalent osmium is reduced to the quadrivalent 
state by titanous solutions. The quadrivalent osmium is reduced 
to the trivalent state by excess of the reducing agent: 

Os™ -1- 4e = Os'^ 

Os^ + e = Os”\ 

According to the studies of Crowell and Elirschman,®^ it is possible 
to obtain two breaks in potential under favorable conditions. 

« W. R. CroweU and D. M. Yost, J. Am. Chem. Soc., 66, 374 (1928). 

E. Zintl and P. Zaimis, Ber., 60, 842 (1927). 

W. R. Crowell and H. IiJ:irschman, J. Am. Chem. Soc., 61, 1695 (1929). 
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In sulphuric or hydrochloric add solution they only obtain a 
distinct break after reduction to the quadrivalent state, whereas 
in the presence of hydrogen bromide a second break occurs after 
reduction to the trivalent form. As soon as the reduction to Os*'" 
is complete, the solution becomes a deep orange red; with further 
addition of reagent there is a gradual change in color to light 
yellow, and finally the solution becomes almost colorless. Crow¬ 
ell and Kirschman recommend the use of a titanous chloride or 
sulphate solution 0.3 N in hydrobromic acid. For the reduction 
of octavalent osmium to the quadrivalent form, the most favor¬ 
able acidity is about 0.2'-0.3 N. The best break in potential is 
observed if the titration is made at a temperature of 60°. Losses 
occur, however, owing to the high volatility of octavalent osmium. 
Therefore it seems better to start at room temperature and add an 
amount of titanous solution necessary to reach within 1-2 cc. of 
the equivalence-point. The temperature is raised to 60° and the 
titration is continued at that temperature: Os^“' —»Os*'". 

Frequently in this last step too high results are found. This 
may be due to the fact that not enough care is taken to avoid 
interference by the oxygen in the air. In.the first stages of the 
titration, nitrogen is bubbled through very slowly (1 bubble per 
2 seconds); with a more rapid current too much osmium vola¬ 
tilizes. However, this small amount of gas hardly seems ade¬ 
quate to remove all of the oxygen, and therefore we might suggest 
that a small amount of titanous solution and then a small excess 
of chlorine water be added. Upon titrating back, a first jump 
will occur after reduction of the chlorine, and then the reduction 
of Os^*“ to Os*^ takes place, 

Crowell and Kirschman were able to titrate free bromine 
in the presence of octavalent osmium. The first break occurs 
after the reduction of the bromine.®^ 

Iridium .—Chloroiridic acid (quadrivalent iridium) in hydro¬ 
chloric acid medium is reduced to chloroiridite by titanous chlo¬ 
ride. S. C. Woo and D. M. Yost^^ titrate 50 cc. of a solution 
containing 0.1 to 0.2 N hydrochloric acid and 2 to 3 g. of sodium 

^ Cf. also W. S. Hendrixson, J. Am. Chem. Soc., 46, 2013 (1923). 

S. C. Woo and D, M. Yost, J. Am. Chem. Soc., 63, 884 (1931). 
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chloride with 0.01 N titan6us chloride. During the initial stages 
of the titration the potential reaches a steady value after a short 
time^ and at the equivalence-point it changes abruptly from 0.65 
to 0.4 volt (against saturated calomel electrode). Some time, 
however, is required for the electromotive force to become constant 
near the end-point, and the reagent has to be added slowly near 
this point. Accuracy, 0.5 to 1 per cent. 

Titration of Anions. — Permanganate. —The titration of this 
oxidant with titanous sulphate gives accurate results, according 
to Hendrixson and Verbeck.^® It can not be titrated with 
titanous chloride because hydrochloric acid interferes. 

Bichromate. —The titration yields good results; toward the 
end of the reduction the potential changes relatively slowly and 
it is necessary to wait a few minutes imtil it becomes constant. 
Koltholl and Tomicek {loc, cit., p. 784) state that the jump is 
very great, being 600 millivolts for 0.025 cc. of 0.1 N reagent. 
At 50°“60® the potential becomes constant more rapidly, so that 
it is advantageous to work at the higher temperature. Inflec¬ 
tion-potential (with iron-free titanous chloride), +0.300 volt. 
This value, however, changes with the acidity of the solution. 

Bichromate and Ferric Iron. —The bichromate is first reduced 
and then the iron. If both are present in equivalent concen¬ 
trations the inflection-potential is +0.590 volt; if the ratio 
is 1 : 2.5, the voltage is +0.610; at 1 : 100 it is 0.650 volt. In 
the latter case bichromate may still be determined in the pres¬ 
ence of iron with an accuracy of 0.2 per cent (Kolthoff and 
Tomicek, loc. cit., p. 809). In general, it is not advisable to 
titrate to a definite inflection-potential because its value is 
somewhat dependent upon the acidity of the solution. 

Ferricyanide. — W. S. Hendrixson*"^® obtained good results in 
the titration of ferricyanide with titanous sulphate. When 
using titanous chloride, Kolthoff and Tomicek (foe. cit.y p. 785) 
also found accurate values, although the break in potential is 
smaller than in the bichromate titration. A brown precipitate 
of titanic ferrocyanide is produced during the titration. The 

** W. S. Hendrixson and L. M. Verbeck, J. Am. Chem. Soc., 44, 2382 (1922). 

•• W. S. Hendrixson, J. Am, Chem. Soc., 46, 2013 (1923). 
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potential rapidly assumes constant values after each addition 
of reagent; within wide limits the acidity of the solution is 
without influence on the result. Inflection-potential, about 
• +0.200 volt (against N.C.E.). The titration must be made at 
room temperature since the ferricyanide is decomposed in warm 
acid solution. The jump in potential is much greater when the 
titration is in tartrate medium; the liquid remains clear during 
the titration. The results are accurate under these conditions. 

Bichromate and Ferricyanide .—The bichromate is reduced 
before the ferricyanide. Kolthoff and Tomicek {loc. cit., p. 811) 
obtained good results when the solution contained at least 7 per 
cent of hydrochloric acid. The first inflection-potential, corre- 
spoiviing to the end of the bichromate reduction, lies at +0.850 
volt (against N.C.E.); the second, corresponding to reduction 
of ferricyanide, is at 0.220 volt. 

Vanadate .—^Vanadate is reduced to quadrivalent vanadyl 
salt: 

V04“ + 6H+ + Ti+++?=± VO++ + Ti++++ + 3 H 2 O. 


During the titration the potential alters very regularly and soon 
becomes constant after additions of reagent. The inflection- 
potential is at +0.280 volt when the titanium solution is free 
from iron, whereas if iron is present it lies at +0.540 volt. There 
is no advantage in carrying out the titration in hot solution. 
The first jump in potential occurs when quadrivalent vanadium 
salt has been formed. 

Now vanadyl ion may be still further reduced, to tri- 
valent vanadium; according to Th. F. Rutter^® the normal 


potential of the system 


[vn 


is +0.312 volt (referred to the 


[V"] 

normal hydrogen electrode). 

Kolthoff and Tomicek found that more than the theoretical 
amoimt of reagent was used in acid solution. Better results 
were obtained in tartrate medium. The titration, with a 
Rochelle salt solution, may be made more quickly at 50 ^-60"^ 


R. Peters, Z. physik. Chem., 26, 193 (1898); Th. F. Rutter, Z. anoig. Chem., 
62, 368 (1907); M. Hofer and F. Jacob, Ber„ 41, 3187 (1908). 
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than at room temperature. Inflection-potential, about —0.120 
volt (N.C.E.). When the titanous solution contains iron, three 
potential breaks are found in the titration of the vanadate 
solution. The vanadate is first titrated in acid solution; the 
tartrate must not be present at the start because vanadate has 
an oxidizing action on the tartrate. After the first break in 
potential has been reached the Rochelle salt is added and the 
titration is continued at S0°-60° to the second break. 

Vanadate^ Bichromate^ and Ferric Iron .—When a mixture of 
of these three substances is titrated with a titanous solution 
the vanadate and bichromate are first reduced simultaneously, 
after which the reduction of the iron begins. If the ratio of 
the components of the mixture is not unfavorable, all three 
substances may be determined by one titration. It is first 
carried to the initial potential jump, where bichromate has been 
completely reduced to chromic salts, and the vanadate to quad¬ 
rivalent vanadium; the ferric salt is then reduced, and then, 
after addition of Rochelle salt, the quadrivalent vanadium is 
reduced to the trivalent stage. By subtracting the amount of 
reagent used between the second and third inflections 
from that required up to the first, we have the 
number of cubic centimeters of reagent which were required for 
the reduction of the bichromate. Accurate results are obtained 
in the above-described manner. 

lodate .—^The titration of iodate with titanous sulphate gives 
good results. W. S. Hendrixson^^ found the first break in 
potential after complete reduction of iodate to iodine. On con¬ 
tinued addition of reagent a second break is found, after more 
than enough reagent to reduce the iodine has been added. 
Kolthoff and Tomicek (}oc. ciL, p. 791) confirmed the note¬ 
worthy fact that iodine reacts slowly with titanous solution. 
They foimd that the titration goes smoothly in presence of 
cupric ions. They stated that three breaks in potential occur 
when titrating with titanous chloride solution. The first corre¬ 
sponds to complete reduction of iodic acid to hypo-iodous add, 
the second occurs after reduction to iodine, and the third when 
« W. S. Hcndrixson, J. Am. Chcm. Soc., 45,2013 (1923). 
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iodine has been reduced to iodide. The titration of iodate with 
titanous solutions is of little analytical significance. 

Brornate ,—^According to Hendrixson {loc, cit,), the broinate 
titration may be carried out more satisfactorily in hydrochloric 
than in sulphuric acid solution. He used a mercury seal so that 
no bromine could escape during titration. A large change in 
potential is foimd when the bromate has been reduced to bromide. 

Chlorate ,—The potential curve has about the same form as in 
the bromate titration, with the difference that the potential lies 
somewhat higher during the titration. The break in potential 
upon complete reduction to chloride is very large, being about 
1 volt for 0.1 cc. of 0.1 N solution. 

Molybdate ,—The reduction of molybdic acid to quinquiva¬ 
lent molybdenum by trivalent titanium was observed by Knecht 
and Hibbert. They did not base a volumetric method for 
molybdenum upon this fact. H. H. Willard and F. Fenwick^^ 
found that the reduction was sufficiently rapid for the application 
of the potentiometric method. They used the polarized bimetal¬ 
lic system and found that ordinarily the maximum was 
perfectly definite with slow addition of reagent near the end¬ 
point. Equilibrium is maintained in this way; otherwise an 
irregular and transient decrease in E.M.F. may result before 
the reaction is quite complete. They state that it is safest to 
add several drops more of titanous solution after the supposed 
end-point is reached, to make sure that the potential decrease is 
permanent and is becoming larger. The rate of reduction is 
not ideally rapid. For this reason Willard and Fenwick suggest 
that a better end-point would be obtained with the usual mono¬ 
metallic electrode system. They found that more reagent was 
used than the theoretical quantity for reduction from molybdic 
acid to quinquivalent molybdenum; under certain conditions 
the error may be 2 to 3 per cent. 

I. M. Kolthoff and O. Tomicek^® made a careful investiga¬ 
tion of the molybdate titration, using the monometallic system 
and were unable to confirm the above statement. In agreement 

H. Willard and F. Fenwick, J. Am. Chem. Soc., 46, 928 (1923), 

I. M. Kolthoff and O. TomiCek, Rec. trav. chim., 48, 788 (1924). 
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with Willard and Fenwick, they found that the solution must 
be warm when titrated. The most suitable temperature is 
75°~80‘^. They also confirmed Willard and Fenwick's conclu¬ 
sion that the solution must be fairly acid; a concentration of 
5-10 per cent of hydrochloric acid is advisable. When a deter¬ 
mination is made under these conditions it is found that the 
first drops of titanous chloride color the solution brown; it then 
becomes yellowish brown, and finally a muddy brown. Kolt- 
hoff and TomiCek obtained excellent results even when the 
quantity of molybdenum was small. Inflection-potential, about 
+0.01 volt (against N.C.E.). If the titanous chloride contains 
iron, good results are obtained provided that the titer is found 
with ferric alum as a standard. 

Willard and Fenwick applied the method to the determina¬ 
tion of molybdenum in ammonium phospho-molybdate. Kolt- 
hoff and Tomicek found that phosphoric acid had a disturbing 
action; too little reagent was required. The color of the liquid 
is different from that observed when phosphoric acid is absent; 
it rapidly becomes blue during titration, and finally becomes 
turbid. It is an interesting fact that tungstate does not inter¬ 
fere with the molybdate titration (Willard and Fenwick). 

Selenik^'^ —Monnicr^''’ and also Moser observed the fact 
that selenious acid is reduced to metal by titanous chloride. 
H. H. Willard and F. Fenwick titrated selenious acid with 
titanous sulphate potentiometrically, using the bimetallic elec¬ 
trode system: 

SeOa” + 6H+ + 4Ti+++ ^ Se + 4Ti++++ + 3 H 2 O. 

** Reduction Potential; 

Se(black) + SlhO ^ HgSeOa + 4H+ + 

at [H"^] = 1 ; Co = +0.740 volt (whereas eoFe‘^++^Fe++ — + 0.747 volt). H. F. 
Schott, E. H. Swift, and D, M. Yost, J. Am. Chem. Soc., 50, 721 (1928). ' 

'The potential was not determined directly, but was calculated from the 
equilibrium constant, K, of the reaction: 

Se(black) + 2 l 2 (solid) + 3 H 2 O = HzSeOs + 4H+ + 4I~ 

K = aHjSeOa X (aH+y X (al"’)^ « 1.46 X lO^^^ (25**). 

"M. A. Monnier, Ann. chim. anal, appl., 20, 1 (1915). 

*®L. Moser and W. Prinz, Z. analyt. Chem., 67, 300 (1918). 

H. H. Willard and F. Fenwick, J. Am. Chem. Soc., 45, 933 (1923). 
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They found that the reaction takes place quantitatively as 
shown in the equation when the solution contains 25 to 75 cc. 
of concentrated sulphuric acid per 100 cc. of solution. With 
small acidity their results were not good. The liquid was 
saturated with sodium chloride, which aids in the coagulation 
of the selenium during the titration, thus enabling the end¬ 
point to be determined accurately. 

KolthofI and Tomicek used the monometallic system 
and found that the potential assumed a steady value very 
slowly at room temperature; on the other hand, at 50®~80® the 
determination may be carried out fairly rapidly. They con¬ 
firmed the conclusions of Willard and Fenwick with regard to 
the effect of acidity and presence of sodium chloride. The 
inflection-potential is dependent on the acidity, being higher 
with larger acid content of the liquid. In a liquid containing 
6 per cent of hydrochloric acid it is +0.150 volt; with 15 per 
cent of acid, +0.190 volt; with 19 per cent HCl, +0.230 volt. 
Accuracy is 0.1-0.2 per cent. It is not essential to carry out the 
titration in a strongly acid medium; good results are obtained 
in the presence of a large excess of Rochelle salt if one titrates 
at 55°. The inflection-potential lies much lower than in acid 
medium; thus in the titration of a mixture of 25 cc. of 0.1 N 
selenious acid, 25 cc. of 30 per cent Rochelle salt and 50 cc. of 
water, it was —0.300 volt (against N.C.E.) 

According to Willard and Fenwick {loc. cit,), one of the most 
surprising and interesting things in connection with the selenium 
determination is the fact that the volume of titanium solution 
used in the titration of mixtures of selenium and ferric iron is 
the same as that for selenium alone, although ferrous iron is 
formed during the precipitation. In opposition to this, Kolt- 
hoff and Tomicek found that ferric iron was reduced simulta¬ 
neously and quantitatively and that there was one potential 
break at the completion of the reduction of both substances. 
According to Willard and Fenwick, tellurium, even in large 
quantities, does not interfere with the titration of selenium, 
although it seems to affect the character of the end-point 
** I. M. Kolthoff and O. Tomicek, Rec. trav. chim., 48, 794 (1924). 
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The fall in potential as the end-point is passed does not always 
occur, but the rise is fully as sharp as in the absence of these 
substances.” 

When cupric salts are present the potentiometric titration 
gives two end-points, according to Willard and Fenwick. The 
first occurs when selenium is completely precipitated, the second 
at the conclusion of the reduction of the copper. Towards 
the end of the first reaction the voltage starts to rise slightly. 
There is a long, distinct upward swing that marks the end¬ 
point, followed usually by continued rise. The copper end¬ 
point is a second sharp rise.” Kolthoff and Tomicek, how¬ 
ever, found when using the monometallic system that the cupric 
salt was reduced simultaneously with the selenious acid. 

According to Tomicek,^^ selenates can be titrated in the same 
way as selenites. Only one jump in potential occurs after the 
complete reduction to selenium. 

Tellur ales and Tellurites .—TomiCek {loc. ciL) titrates telluric 
acid and its salts with titanous chloride. 

TeOa + 6HC1 -f- 6TiCh = Te + fiTiCU + 3 H 2 O. 

The titration must be made in strongly acid solution (10-20 
per cent HCl or 10-15 per cent sulphuric acid). A distinct jump 
in potential occurs at room temperature or at 60®-70®, after the 
reduction is complete. If the solution is acidified with hydro¬ 
chloric acid the potential is rather slow in coming to a constant 
value at the beginning of the titration, probably due to the forma¬ 
tion of quadrivalent tellurium. Equivalence-potential: -1-0.125 
volt against saturated C.E. 

In sulphuric acid medium the jump in potential is not as 
distinct as in the presence of HCl, In the former case, however, 
the small jump after the reduction of the hexavalent tellurium 
to tellurite is more distinct (not of analytical importance). 
Cu”, Fe^“, Sb^, and selenite interfere. In the presence of 
bismuth the tellurium is first reduced; the distinct jump in 
potential which is found occurs too late.®° 

« O. Tomicek, BuU. Soc. Chim. (4), 51-52, 1389 (1927). 

Cy., however, Zintl and Rauch, Z. anorg. allgem. Chem., 1S9,397 (1924); 145, 
291 (1925). 
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Tellurites may be determined in the same way as tellurates. 

Nitrite; Nitrate; Per Salts ,—Kolthoff and Tomicek were 
not successful in determining these substances by direct titra¬ 
tion with titanous solution. Even the reaction between titan- 
ous chloride and hydrogen peroxide takes place very slowly. 

Organic Nitro Compounds ,—Kolthoff and Robinson titrate 
nitro compounds in a very simple way. As Kolthoff showed 
(p. 354), the reduction-potential increases regularly with decreas¬ 
ing hydrogen-ion concentration; reduction is therefore complete 
much sooner at low acidities than at larger hydrogen-ion concen¬ 
trations. Kolthoff and Robinson apply this principle in the estima¬ 
tion of nitro compounds. Thirty cubic centimeters of 20 per cent so¬ 
dium citrate (tertiary salt) are added to the solution to be titrated, 
and then carbon dioxide is passed through. After three min¬ 
utes the air is removed, and titanous solution is added slowly until 
the solution is distinctly dark violet colored. When this point has 
been reached there is only a slight excess of titanous salt which is 
titrated back with ferric alum solution of known strength. The 
titanous chloride may be standardized in citrate medium with a 
pure ferric alum solution. In all of the cases investigated, the 
theoretical values were found. Boiling is unnecessary as the 
reduction takes place quickly enough at room temperature. A 
direct titration of the nitro compound under these conditions 
can not be recommended, because the reduction of the last 
traces of the nitro compound at the equivalence-point goes very 
slowly and it takes a long time (forty minutes) to finish the titra¬ 
tion. 

In citrate medium there is no danger whatever of chlorina¬ 
tion of the nitro product. The method therefore has distinct 
advantages over the usual procedures applied by organic chemists. 

When we are dealing with volatile nitro bodies the carbon 
dioxide is only passed through the citrate solution. When 
the latter is air-free, the nitro body is added and the passage 
of carbon dioxide is stopped. After thorough stirring the titan¬ 
ium chloride is added and when an excess is present the carbon 
dioxide stream is again passed through. In working with 


I. M. Kolthoff and C. Robinson, Rec. trav. chizn., 46, 169 (1926). 
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nitro benzene and other volatile nitro compounds, Kolthoff and 
Robinson obtained correct results. 

As a matter of fact, the method may also be applied to the 
determination of other organic compounds that are reducible 
by titanous chloride (nitroso compoimds, dyestuffs, etc.). 

According to Dachselt '^^aj-Qjnatic nitroso and nitro compounds 
may be titrated directly with titanous chloride at 50°-80°. The 
potential rapidly becomes constant. If the substance is slightly 
soluble in water the titration may be carried out in alcoholic 
medium. Dachselt titrated only nitroso dimethylaniline, (?-nitrO“ 
phenol, /)-nitrophenol and nitrobenzene. 

From the investigations of Kolthoff and Robinson, it may 
be concluded, however, that the direct titration is too slow near 
the end-point to give results that are practically useful. 

Dyestiijjs .—Callan and Horrobin apply titanous chloride 
in the titration of dyestuffs. They work in a medium acid with 
hydrochloric acid, add an excess of titanous chloride (in absence 
of air), boil for five minutes, and titrate back at room tempera¬ 
ture with ferric alum solution in the presence of some thiocyanate. 
According to their experience, the latter accelerates the estab¬ 
lishment of equilibrium potentials. Inflection-potential, 0.1 volt 
(against N.C.E.). In the opinion of one of the authors (Kolthoff), 
a direct titration in the presence of a suitable buffer is more to be 
recommended, as there is no danger of decomposition of the 
titanous chloride. Thus Kolthoff and Tomicek titrated methyl¬ 
ene blue directly in the presence of Rochelle salt; a sharp break 
in potential indicates the end-point. 

At this point the extremely important work of W. M. Clark 
and his collaborators on the titration of oxidation-reduction indica¬ 
tors (indigo sulphonates, indophenols, methylene blue, Lauth’s 
violet, etc.) may be mentioned; a discussion of these investigations 
has been given in Volumetric Analysis I (I. M. Kolthoff, trans¬ 
lated by N.H. Furman,published by J. Wiley & Sons, Inc., 1929). 

®*E. Dachselt, Z. analyt. Chem., 68, 404 (1926); The indirect potentiometric 
titration of aromatic nitro compounds has been studied by F. L. English, J. Ind. 
Eng. Chem., 12, 994 (1920); of azo coloring matters by D. O. Jones and H. R. 
Lee, J. Ind. Eng. Chem., 14, 46 (1922); of triphenyl methane and azo compounds 
by W. S. Calcott and F. L. English, J. Ind. Eng. Chem., 15, 1042 (1923). 

« T. Callan and S. Horrobin, J. Soc, Chem. Ind., 47, 333 (1928). 
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REDUCTION WITH CHROMOUS CHLORIDE OR 
SULPHATE 

Buehrer and Schupp ^ introduced the use of chromous chloride 
as a reagent in the successive potentiometric titration of iron 
and copper. They prepared their solution according to the 
directions of Evans (Metals and Metallic Compounds) by boiling 
potassium bichromate in hydrochloric acid solution with a 
considerable excess of zinc which was free from iron and arsenic, 
until reduction to the light blue compound was complete. This 
solution was immediately covered with a layer of kerosene and 
transferred to the reagent bottle by pipetting under kerosene. 
Although extremely sensitive to oxygen, the solution maintains a 
fairly constant titer. 

Stability of Chromous Chloride, according to Buehrer and 
Schupp: 

Days. 0 1 3 4 5.5 6.5 8 

Normality.. 0.0927 0.0921 0.0923 0.0919 0.0919 0.0918 0.0916 

Zintl and Rienacker ^ use a chromous chloride solution that 
is free from foreign metals. They reduce a pure potassium 
bichromate solution with concentrated hydrochloric acid and 
boil imtil the evolution of chlorine has ceased. After cooling, 
pure zinc is added, and after several hours, reduction to the 
chromous state is complete. The flask is closed with a Bunsen 
valve during the reduction. The stopper carries also a siphon 
tube containing glass wool. After complete reduction the solu¬ 
tion is forced by hydrogen pressure through the siphon tube into 
an excess of sodium acetate solution, which has been boiled out. 

* T. F. Buehrer and O, E. Schupp, Ind. Eng. Chem., 18, 121 (1926). 

* £. Zintl and G. RienUcker, Z. anorg. allgem. Chem., 161, 374 (1927). 
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The precipitated chromous acetate is washed out under hydrogen 
from 7 to 10 times with water free of air. Then an amount of 
2 per cent hydrochloric acid not quite sufficient to dissolve all of 
the precipitate is added. After the precipitate has settled again, 
the solution is forced by hydrogen pressure into the storage bottle 
with burette attached {cf. Fig. 74 p. 358), diluted with double 
its volume of air-free water, and finally several cc. of 2 per cent 
HCl are added in order to bring traces of chromous acetate 
which are carried over with the liquid, into solution. If kept 
under hydrogen the liquid is fairly stable. After 14 days its 
titer had decreased only by 0.2 per cent. It is sufficient to 
determine the titer every three days. 

Reduction potential: Cr" Cri” 

ElICr"^Cr'“ = “ 0.43 VOlt.^ 

The solution is a more powerful reductant than titanous 
chloride. 

Zintl and Rienacker use the same sort of storage bottle as 
they have recommended for titanous chloride (cf. Fig. 74, p. 358). 

Standardization of the Chromous Chloride ,—^Buehrer and 
Schupp standardize against potassium bichromate. Zintl and 
Rienacker recommend copper sulphate. In warm hydrochloric 
or acetic acid solution the cupric copper is reduced instanta¬ 
neously to the cuprous state; an excess of chromous salt causes 
formation of metallic copper. If the solution contfhis much 
chloride, the reduction is not complete, according to Zintl and 

* G. Grube and L. Schlecht, Z. Elektrochem., 32, 178 (1926), found in neutral 
acetate solution with 2 X 10‘*'*N[Cr] and [Cr“J = [Cr*“] 

Eh = - 0.403 ±0.003 volt. 

In 0.003 N sulphuric acid with sulphates, and total [Cr] = lO"’^ to lO"*, 

Eh ** — 0.412 ± 0.002 volt. 

In very dilute HCl solution, total Cr concentration 4 X 10“^ 

Eh * ~ 0.454 ± 0.002 volt. 

Total [Cr] 2 X 10“*, 

Eh 0.398 ± 0.0001 volt. 

With increaring acidity the electrode becomes nobler. 
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Rienacker (cf,y however, Buehrer and Schupp, p. 384). In 
order to observe a sharp end-point after the reduction of cupric 
to cuprous ion, sufficient chloride should be added if the titration 
is carried out in acetic acid medium. Air must be removed before 
the copper is titrated. According to Zintl and Rienacker this 
may be done either by boiling out under carbon dioxide or by 
pre-reduction.” In the latter case about 5 cc. of chromous 
chloride are added to the hot solution under CO 2 , thus forming 
cuprous copper which takes up the oxygen. After a short time a 
small excess of bromate or permanganate is added, and the poten- 
tiometric titration is started. Between the first and second 
jumps in potential the cupric copper is reduced to the cuprous 
state. If the titration is carried out in acetic acid solution the 
air must be removed by boiling out under CO 2 . 

Titration of Ferric Iron ,—In the presence of sulphuric acid 
ferric iron is rapidly reduced by chromous sulphate. The acid 
concentration may vary, according to Zintl and Schloffer,^ 
between 2 and 15 per cent. In order to remove dissolved oxygen 
the acid ferric solution is boiled out for a few minutes in a current 
of carbon dioxide. ‘‘Pre-reduction” is still more effective; a 
few cubic centimeters of chromous sulphate are added to the 
solution, and after a few minutes the reducing agent is oxidized 
with a small excess of bichromate or permanganate. The actual 
titration is then started. The first jump in potential occurs 
after the^eduction of excess of oxidizing agent (inflection- 
potential against Hg|Hg 2 S 04 2 N H 2 SO 4 electrode: 0.560 volt 
in case of KMn 04 , and 0.320 volt in case bichromate was used). 
At the point where all of the iron is reduced a large jump 
in potential occurs (inflection-potential —0.320 volt against 
HglHg 2 S 04 2 N H 2 SO 4 electrode). Under the conditions 
described the electrode very rapidly assumes its constant poten¬ 
tial. This is no longer true when hydrochloric acid is present; 
the reduction is rather slow, especially at the end. Zintl and 
Schloffer add in this case a little bismuth salt (at least 7 mg. per 
100 cc.) as a catalyst. The concentration of hydrochloric add 
shoidd not be greater than 10 per cent (c/. Titanometry, p. 360). 

^ E. Zintl and F. Schloffer, Z. angew. Chem., 41, 956 (1928). 
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Cupric Copper, — K copper solution in dilute sulphuric add is 
reduced to the metallic state by chromous sulphate. In the 
beginning an appreciable amount of cuprous copper is formed, 
but after a short time this is transformed into metallic copper 
and cupric salt. Zintl and Schloffer ^ make this reaction the 
basis of an accurate titration of copper with chromous sulphate. 

Procedure: The copper solution, which contains 2 to IS per cent of 
sulphuric acid, is boiled out to remove dissolved oxygen, or treated with a 
little chromous sulphate {cf. under Iron), which is oxidized by a small excess 
of bichromate or permanganate. The potentiometric titration is then 
started at 80®; the first jump in potential occurs after reduction of the per¬ 
manganate or bichromate (inflection-potential, 0.240 volt in case of Mn 04 -, 
0.00 volt in case of CriOr = against Hg|Hg 2 S 04 2 N H 2 SO 4 electrode). 
Addition of more chromous sulphate starts the reduction of the copper; 
the solution is stirred effectively during this process, and the metallic copper, 
which has a tendency to adhere to the electrode, is partly removed by hav¬ 
ing the electrode scraped by the glass stirrer. A second jump in potential 
occurs after the complete reduction of the copper (0.54 to 0.62 volt). 
Small amounts of chlorides interfere, and make the jump less pronounced; 
larger quantities prevent the reduction to metallic copper, cuprous chloride 
being formed. 

Simultaneous Determination of Ferric Iron and Copper, —In the 
presence of sulphuric acid, ferric iron and copper can be deter¬ 
mined very accurately in the same solution. The titration is 
started as described under iron or copper. After reduction of the 
ferric iron a distinct jump in potential occurs (about —0.23 volt 
against Hg|Hg 2 S 042 N H2SO4). 

Lead, cobalt, nickel, mercury, aluminum, chromic and man¬ 
ganous ions do not interfere. 

It is of especial advantage that quinquivalent arsenic does 
not interfere. 

Large amounts of antimony interfere with the detection of the 
end-point after the completion of the reduction of the copper. If 
less than 5 mg. of Sb per 200 cc. of solution are present, the titra¬ 
tion still gives good results. 

The method described is very advantageous for a direct 
titration of the iron content of commercial specimens of copper 


‘ E. JZintl and F. Schloffer, Z. angew. Chem., 41, 956 (1928). 
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sulphate. Zintl and Schloffer obtained good results even when 
only 0.015 per cent of iron was present. 

Bichromate, Iron and Copper, —The dissolved oxygen (from 
air) is removed by boiling. In order to prevent decomposition 
of the bichromate, the acid concentration should not be larger 
than 5 per cent. 

Analysis of Pyrites and Copper Pyrites, —^Zintl and Schloffer ® 
applied their method to the determination of iron and copper in 
pyrites and in copper ores. 

Procedure: To 0.2 to 0.5 g. of the finely powdered material and 10-20 g. 
of potassium persulphate in a Kjeldahl flask are added 20 cc. of concen¬ 
trated sulphuric acid. The mixture is heated carefully at first in order 
not to decompose the persulphate too rapidly. After 5 minutes the mixture 
is heated to boiling for about 10 minutes; it is then cooled, diluted with 
water, and transferred to the titration vessel. The oxygen from the air is 
removed (cf. p. 382) and the titration with chromous sulphate is started. 

Simultaneous Determination of Arsenic, Iron and Copper in 
Arsenical Pyrites, —Trivalent arsenic, ferric iron and copper may 
be determined very easily. In hot solutions containing sulphuric 
acid, arsenious acid is smoothly oxidized by bichromate. It is 
advantageous to use a small excess of oxidizing agent. The latter 
is titrated back with chromous sulphate, and then the iron is 
reduced, etc. 

Buehrer and Schupp ^ add an excess of chromous chloride, 
so that finely divided copper is formed. They titrate back with 
potassium bichromate; the inflections which are obtained cor¬ 
respond to Cr“—^Cr"; Cu—»Cu* and Cu —► Cu“. The 
differences in potential between these points are sufficiently 
great to yield definitely distinguishable infiection-points. The 
finely divided sponge copper reacts with the dichromate with 
surprising rapidity in hydrochloric acid solution. Under these 
conditions there is no reaction between cupric copper and ferrous 
iron, so that a clean-cut differentiation between copper and iron 
may be made. The ferrous ions are oxidized after the oxidation 
to cupric copper. 

• E. Zintl and F. Schloffer, Z. angew. Chem., 41, 956 (1928). 

^ T. F. Buehrer and O. E. Schupp, Ind. Eng. Chem., 18, 121 (1926). 
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The method may be applied to the determination of copper 
and iron in alloys, mattes, etc. 

Procedure (cf. p. 123 of original article): As far as interfering elements are 
concerned, Mg, Al, Ca, Mn, Zn, Ag (?), Pb, Na, and K would not interfere, 
and the titration can generally be carried out in the presence of the gangue 
without filtration, or in the presence of the sulphur, which often separates 
during the solution of the sample of matte. Molybdenum, selenium, 
arsenic, and antimony, which are sometimes present in metallurgical 
products, might interfere if present in considerable quantity; these sub¬ 
stances could be taken care of—as, for instance, by boiling with granulated 
zinc in acid solution—thus removing arsenic as arsine, antimony as stibine, 
etc. (Not completely. Kolthofl.) 

The direct titration of iron and copper with chromous chloride 
may also be successfully carried out, as Buehrer and Schupp 
stated. If iron is present, it is reduced first; the reduction of 
copper proceeds in two stages: Cu” —> Cu\ and Cu* —» Cu. 
In solutions of low acidity these steps are realized potentiometri- 
caUy. The inflection-points in the curves are extraordinarily 
sharp. 

(In our opinion this does not hold for the reduction of the iron.) 

Titration of Mercuric Mercury .—^According to Zintl and 
Rienacker ® the use of chromous s(dutions is of distinct advan¬ 
tage, as the mercuric salt may also be reduced in warm hydro¬ 
chloric acid solution. In each case an abundant excess of chloride 
must be present in order to prevent formation of calomel. The 
latter is not reduced very quickly by chromous chloride solu¬ 
tion. The titration gives theoretical results in warm S per cent 
hydrochloric acid medium. If more chloride is present, and also 
in acetate medium (with chloride), too much reagent is required 
(about 2 per cent). Just as in the case of titration with titanous 
chloride, the addition of a small amount of bismuth salt elim¬ 
inates the error. After the complete reduction of the mercuric 
salt to metallic mercury, the bismuth is reduced to the metal. 
In the presence of sufiicient chloride and hydrochloric acid the 
mercuric salt can even be determined in the presence of cupric 
and ferrous salts. The cupric copper is first reduced to the 
cuprous state, and then the mercuric salt is reduced. The excess 


** B. Zintl and G. RienUcker, Z. anorg. allgem. Chem., 161 , 385 (1927). 
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requirement of chromous chloride does not occur in the presence 
of copper and iron. The solution must be air-free before the 
titration (in the presence of cupric copper, the latter consumes 
the oxygen during the reduction to the cuprous state). 

Nitrate, and other oxidizing anions, have a disturbing action. 

The inflection-potentials are dependent upon the chloride 
content and the acidity of the solutions. 

Lead and cadmium have no influence on the results. In the 
presence of trivalent arsenic, the chromous chloride has to be 
added drop by drop and very slowly, otherwise too much reagent 
is used up. As^, Sb“^, Sb^, and Sn^^ and AgCl have interfering 
actions. 

Auric gold solution is reduced to the metallic state before 
the mercuric salt is transformed into the metal. Ferric iron also 
is reduced to the ferrous form, and afterward the mercuric salt is 
reduced. For details see the papers of Zintl and Rienacker. 

Silver .—The metal is precipitated instantaneously from a hot 
silver sulphate solution in an excess of sulphuric acid upon addi¬ 
tion of chromous sulphate. A large jump in potential occurs 
at the equivalence-point. According to Zintl, Rienacker, and 
Schloffer® very accurate results are obtained. Even silver 
chloride is reduced by chromous salt; the reaction proceeds very 
slowly, however, but can be accelerated by adding a large excess 
of alkali chloride, which exercises a solvent action on AgCl 
(complex formation). In hot hydrochloric acid solution Zintl 
and his collaborators found too high values. (Decomposition 
of chromous salt by metallic silver before it reacts with silver 
ions? Kolthoff); addition of copper salts causes improvement 
(0.4 to 1 per cent error). The consumption of an excess of 
reductant is avoided by working at low acidity. Zintl et al. (Joe. 
cit.) add to the silver solution 10-25 g. of ammonium chloride, 
5 g. of sodium acetate, a little acetic acid, and water imtil the 
volume is about 200 cc., boil out in a carbon dioxide atmosphere, 
and titrate the hot solution with chromous chloride. Inflection- 
potential, —0.37 volt (against saturated calomel electrode). 

* £. Zintl, G. Rienacker, and F. SchloSer, Z. anoxg. allgem. Chem., 168, 97 
(1927). 
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The electrode is cleaned at the end of each titration with hot 
nitric acid, and then with sand paper. 

Copper and Silver, —Zintl, Rienacker and Schloffer {loc, cit) 
neutralize the solution with ammonia if it is acid, add 20-30 g. 
of ammonium chloride, 5 g. of sodium acetate, a little acetic 
acid, and water to 200 cc. After boiling out under carbon dioxide, 
the hot solution is titrated. Cupric ion is first reduced to cuprous, 
but the jump in potential is rather small; precipitation of metallic 
silver follows, and the end is characterized by a sharp break in 
potential. 

Silver^ Lead, Tin, Arsenic, and Gold ,—^According to Zintl, 
Rienacker and Schloffer {loc, ciL), the determination of silver 
by the procedure described (last paragraph) also gives good 
results in the presence of lead, Sn*^, As*" and gold. Only gold 
and copper affect the titration curve; first gold is reduced to the 
metallic state, then the reduction of Cu" to Cu* takes place, and 
finally the reduction of Ag+ to Ag. 

Gold ,—^Auric gold is reduced by chromous salt to the metallic 
state in hot hydrochloric acid solution by chromous chloride. 
According to Zintl, Rienacker, and Schloffer a titration under 
these conditions gives high results, as the metallic gold accelerates 
the oxidation of chromous to chromic ions with liberation of 
hydrogen, before the reagent can react with auric ion. The 
reaction between auric and chromous ions is accelerated by copper 
salts, the addition of which improves the result of a titration. 
One-tenth gram of copper in 200 cc. of solution is sufficient. To 
the gold solution, which should contain 2-5 per cent of hydro¬ 
chloric acid (no more chloride because the leap in potential then 
becomes too vague), is added, 0.1 g. of copper in the form of sul¬ 
phate or chloride, and water to 200 cc., after which it is boiled 
out imder carbon dioxide to remove air. In order to be sure 
that the gold is in the auric state, a little potassium bromate, or 
chlorine water, is added, and the titration with chromous salt is 
begun. The first break in potential indicates the end of the 
reduction of the excess of added oxidant, then the gold is 

E. Zintl, G. Rien&cker, and F. Schloffer, Z, anorg. allgem. Chem., 168, 97 
(1927). 
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precipitated: Au*^*^*^ + 3e = Au, and a second large jump in 
potential occurs after the auric gold is completely reduced. The 
solution should be energetically stirred during the titration, 
in order to prevent any decomposition of the reagent by the pre¬ 
cipitated metallic gold. After the titration the electrode is cleaned 
with a mixture of hydrogen peroxide and potassium cyanide, 
and after washing, with hot chromic-sulphuric add mixture. 

Gold and Copper. —C/. the procedure as described under 
“Titanous Chloride’’ (p. 366). In titrating with chromous 
chloride, the jump in potential is much larger after the reduction 
of cupric to cuprous ion than when titanous salt is used. 

Gold in the Presence of Other Metals. —^According to Zintl, 
Rienacker, and Schloffer (],oc. cit.)^ the following metals: lead, 
cadmium, bismuth, mercury, and silver, do not interfere (on con¬ 
dition that some cupric salt is present). In the presence of lead, 
cadmium, and bismuth, the successive titration of gold and cop¬ 
per, even, is possible, although the bismuth salt diminishes the 
jump in potential after the reduction of the cuprous salt.^^ 

Ferric iron must be made harmless by the addition of phos¬ 
phoric acid. 

Gold, Copper, Mercuric Salt, or Silver in the Presence of Each 
Other. —For the successive titration of gold and copper the chlo¬ 
ride concentration must be kept within rather narrow limits 
{cf. p. 387). Under these conditions the decomposition potential 
of the mercuric salt is so high that no distinct jump in potential 
is obtained after complete reduction of cupric ion to the cuprous 
state and the point where the precipitation of the metallic mer¬ 
cury starts. Only the determination of gold is possible under 
these conditions. According to Zintl, Rienacker, and Schloffer 
(foe. cU.), improvement is obtained by titrating the gold first in 
2-5 per cent hydrochloric add solution; some bismuth salt is 
then added as a catalyst and 15 g. of ammonium chloride, 
whereupon the copper and mercuric ions are reduced simulta¬ 
neously. 

^^C/. E. Zintl and G. Rien&cker, Z. anorg. allgem. Chem., 161, 374 (1927); 
also p. 364 of this book. 

^*C/. E. Zintl and G. Rienkcker, Z. anorg. allgem. Chem., 166, 86 (1926); 
m, 385 (1927); also p. 363 of this book. 
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If the solution contains, besides gold and copper, some silver 
as well, then gold and copper can be titrated successively at low 
chloride concentrations. During this process the silver chloride 
flocculates and afterwards reacts very slowly with the reagent in 
the presence of an excess of chloride and acetate. 

Zintl, Rienacker, and Schloffer therefore give the following 
procedure: 

After the reduction of the cupric copper to the cuprous state, several 
drops of chromous chloride are added in excess. The solution is then made 
ammoniacal, some sodium acetate and 20-30 g. of ammonium chloride are 
added, and after waiting several minutes the mixture is acidified with acetic 
acid. The titration with chromous chloride is continued after waiting a 
few minutes. Since the reagents contain some dissolved oxygen, the small 
amount of silver originally precipitated and also a small amount of the cu¬ 
prous copper are reoxidized. Upon titrating with chromous salt the first 
break in potential after complete reduction of cupric ion appears very soon; 
the second jump in potential indicates completion of the precipitation of the 
silver. 

Determination of Antimony and Tin .—In strongly acid solu¬ 
tion, quinquivalent antimony is readily reduced to the trivalent 
state by chromous chloride, according to Brintzinger and Rodis.^^ 
Stannic ions, however, are slowly reduced, even at 100° C. Con¬ 
centrated hydrochloric acid and calcium chloride accelerate the 
reaction, but not enough to make the titration practical. For¬ 
tunately the presence of antimony has a very favorable influence; 
on the other hand, it may interfere if the reagent is added too 
quickly at the end of the reduction of the tin. 

The titration of the tin may not, therefore, be carried out too 
fast; aUbut 30-40 minutes are required to complete it. In the 
neighborhood of the equivalence-point, especially, it is necessary 
to wait 3 to 5 minutes until the potential is approximately con¬ 
stant. If the chromous chloride is added in portions of 0.1 cc., 
some antimony may be reduced to the metallic state. Small 
amounts of this metal, however, react quite rapidly with stannic 
ions to form staimous. If a mixture of quinquivalent antimony 
and quadrivalent tin is titrated, the first leap in potential is 

^ E, Zintl, G. Rienacker and F. Schloffer, Z. anorg. allgem. Chem., 168, 97 
(1927). 

H. Brintzinger and F. Rodis, Z. anorg. allgem. Chem., 166, 53 (1927). 
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large (Sb^ to Sb”*)—about 0.6 volt. The second leap in poten¬ 
tial is much smaller, at the end of the reduction of stannic ions to 
the stannous state; it amounts to about 0.05 volt. 

Procedure for the Titration of a Mixture of Sb^ and —To the solution 

are added 30 g. of crystallized calcium chloride and 20 cc. of concentrated 
hydrochloric acid, after which it is diluted to 100 cc. The liquid is boiled 
for 5 minutes, during which time carbon dioxide is passed through; it is 
then titrated with chromous chloride, at 90° to 100° in the absence of air. 
In the neighborhood of the first inflection-point the readings*are made about 
1 minute after each addition of 0.1 cc. of reagent, and near the second inflec¬ 
tion after about 3 minutes. It is stated tliat the potential remains prac¬ 
tically unchanged after these time intervals. 

Sn++++ + + + + 2Cr+++ 

In a continued study Brintzinger and Rodis showed that 
the potential after the complete reduction of stannic tin soon 
reaches a constant value if there is present a metal ion which 
is reduced after the tin. The addition of some bismuth salt is 
recommended for this purpose, as a distinct jump in potential 
indicates the end-point. The addition of some bismuth salt is 
to be recommended for practical purposes. If some other ion, 
like those of copper or antimony, which is reduced to the metallic 
state after the reduction of tin, is present, the addition of bis¬ 
muth is superfluous. 

In all cases 30 g. of CaCl 26 H 20 and 20 cc. of HClj(sp. gr., 1.19) 
should be added per total volume of 100 cc., and the solution 
titrated at 90^^-100°. 

Copper and Tin.—K large jump occurs after the reduction of 
cupric to cuprous ion. A second jump appears after th% reduc¬ 
tion of the stannic tin. In this period it takes a rather long time 
until the readings are constant (approximately 3 minutes). 
After the reduction of the tin is complete the potential drops 
to a very low value (—0.3 to —0.4 volt), but rises again when the 
cuprous copper is reduced to the metallic state. They (B. and R.) 
did not find a leap in potential, however, indicating the end of 
this reaction. 

In all these cases oxygen must be kept from the solution. 

H. Brintzinger and F. Rodis, Z. Elektrochem., 34, 246 (1928). 
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The bright platinum electrode has to be cleaned with nitric acid 
and glowed after each titration. 

Bismuth and Tin, —The tin is first reduced, and a second 
jump is obtained after the reduction of the bismuth to the 
metallic state. As has been mentioned, the presence of bismuth 
salt accelerates the reaction between stannic tin and chromous 
chloride. 

Iron and Tin, —^As may be expected, the ferric iron is first 
reduced, a large jump in potential indicating the end-point. 

Analysis of Alloys, —The application of chromous chloride 
to the analysis of tin alloys gave very useful results in the hands 
of Brintzinger and Rodis. 

Antimony, Copper and Tin, — K very small jump occurs after 
the reduction of Sb^ to Sb*"; copper is next reduced, the end of 
the process being indicated by a second and much larger jump; 
the third leap shows the end-point of the tin titration. Tri- 
valent antimony is thereupon reduced to the metallic state, 
the fourth jump occurring when this reaction is complete. The 
antimony content may be calculated from the amount of reagent 
required between the third and fourth jumps, and then all the 
data are available for the calculation of the copper, tin and anti¬ 
mony content. Lead is without influence on the shape of the 
titration curve. 

An alloy containing antimony, copper, tin, and lead is dis¬ 
solved in concentrated hydrochloric acid in the presence of 30 
per cent hydrogen peroxide. After solution, the excess of chlo¬ 
rine is boiled off, and the cool liquid is made up to 100 cc. with 
water. To an aliquot portion are added 30 g. CaCl 26 H 20 and 
20 cc. HCl (sp. gr., 1.19), and water to 100 cc. The liquid is 
boiled 5 to 10 minutes in a carbon dioxide atmosphere; the elec¬ 
trodes are then dipped in and the titration is started. 

Titanium, —Quadrivalent titanium is reduced quantitatively 
to the trivalent form by chromous ions. Brintzinger and Schiefer- 
decker apply this reaction to the potentiometric titration of 
titanium. 

Twenty grams of crystallized calcium chloride or 12 g., of 
^•H, Brintzinger and W. Schieferdecker, Z. analyt. Chem., 76, 277 (1929). 
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sodium chloride and 10 to 20 cc. of concentrated hydrochloric 
acid are added to the solution, which is then diluted to 100 cc. 
The solution is boiled for 3-5 minutes in an atmosphere of carbon 
dioxide in the vessel in which the titration is to be performed. 
Titration is then made with the solution at 90®, with exclusion of 
air. The reagent should be added very slowly, especially near 
the equivalence-point. A small, but distinct jump is observed 
at the end-point. After each titration the platinum electrode 
has to be purified by treating with concentrated hydrochloric 
add and igniting. 

In the presence of iron, the latter is first reduced quanti¬ 
tatively, and then Ti'"^ to Ti“*. 

If copper is present, the first jump occurs after the quan¬ 
titative reduction of cupric to cuprous copper, and then the 
titanium is reduced. Finally, after the second jump has been 
reached, cuprous copper is reduced to the metal. 

Chromic Acid ,—^The solution, which should not contain 
more than 5 per cent of sulphuric acid, is boiled out, and cooled 
down again in nitrogen (or other indifferent gas current, which 
has been freed from oxygen), and titrated with chromous chloride. 
According to Zintl and Zaimis a pronounced leap in potential 
occurs at the place where all the hexavalent chromium has been 
reduced to the trivalent state. The titration can also be made at 
higher temperatures. If the solution contains more than 3 per 
cent of sulphuric acid, the potential is constant almost imme¬ 
diately after the addition of the reagent. In the presence of 
ferric iron, the chromic acid is reduced first, and after the first leap 
in potential the iron is reduced. 

Vanodic Acid .—In the titration of vanadic acid with chromous 
salt, two distinct jumps in potential are observed, according to 
Zintl and Zaimis {loc. cit.)^ the first after the reduction of to 
V*^, and the second after complete reduction of to V™. 

Vanadic Acid and Ferric Iron ,—Quinquivalent vanadium is 
first reduced to the quadrivalent state. Zintl and Zaimis {loc, 
cii) had some difficulty in obtaining good results, as the first 
jump in potential is not very pronounced. In the presence of 
E. Zintl and P. Zaimis, Z. angew. Chem., 40, 1286 (1927). 
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amounts of iron that are not too large, a satisfactory break in 
potential is observed, if the solution contains at least 10 per cent 
of sulphuric acid, and if the titration is performed at room tem¬ 
perature. High temperature is very harmful. In the presence 
of large amoimts of iron the solution should be ice-cold during 
the titration, and the acidity should correspond to 20 per cent 
sulphuric acid. 

After the reduction of vanadic acid to the quadrivalent state, 
Zintl and Zaimis dilute the solution with water in order to 
decrease the acidity to about 5 per cent sulphuric acid. Under 
these conditions a pronounced jump in potential is observed after 
the reduction of ferric to ferrous iron. Finally the quadrivalent 
vanadium is reduced to the trivalent state, and a third jump in 
potential indicates the end of the process. 

The first break in potential after reduction of VOs"” to VO"*"'’’ 
can also be observed at low acidity if the ferric iron is rendered 
harmless by addition of phosphoric acid. The latter decreases 
the oxidation potential of the ferric iron due to complex formation. 
After the first jump in potential is reached the complex ion is 
partly decomposed by the addition of hydrochloric acid, where¬ 
upon the ferric iron is reduced. 

Chromic Acidj Vanadic Acid and Ferric Iron ,—The chromic 
and vanadic acids are reduced simultaneously by chromous 
chloride, the vanadic acid to the quadrivalent state; thereafter 
the iron is reduced, and finally quadrivalent to trivalent vana¬ 
dium. If vi cc. of reagent are required for the first jump (Cr^* to 
Cr ” plus to V* 0, V 2 between the first and second jumps, 
(Fe“‘ to Fe"), and vs between the second and third (V”" to V“‘), 
Then: 

Cr = i>i — V3, 

Fe = V 2 j 
V = Vs. 

Before the titration is started the solution is freed from air by 
boiling out at nearly neutral reaction. Then enough sulphuric 
add is added to the cooled solution to make its concentration 

^‘This statement agrees with that, of Kelley and Conant, J. Am. Chem. Soc., 
88, 341 (1926), on the titration of vanadic acid with ferrous sulphate. 
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about 15 per cent. After the first jump in potential is reached, 
double the volume of water is added, etc. It is somewhat more 
convenient to start the titration in phosphoric acid medium. To 
the cooled solution 1-2 cc. of phosphoric acid (sp. gr., 1.7) are 
added and the titration is carried to the first jump. Then 
enough hydrochloric acid is added to make its concentration 1 to 
5 per cent (not more). 

Zintl and Zaimis could not get good results by the method 
of Tomicek (c/. p. 372). 

When the amount of iron was very high, relative to the vana¬ 
dium and chromium content, Zintl and Zaimis did not get good 
results by their procedure. In such a case the chromate is first 
reduced with arsenious acid in a medium which contains at least 
20 per cent of sulphuric acid; the vanadate is not affected. After 
the leap in potential has been found, the vanadate is titrated 
with ferrous sulphate. If only very small amounts of vanadium 
are present the solution should be ice-cold during the titration. 

The most reproducible jumps in potential are obtained if 
the electrode is charged with oxygen before the titration by dip¬ 
ping in a hot solution of chromic acid in sulphuric acid, and rins¬ 
ing off with water. 

Phosphoric acid is without influence on the result; nitric 
acid does not interfere with the titration of chromate with 
arsenious acid, but it depresses the jump in potential in the deter¬ 
mination of vanadium. 

For the influence of manganese and cobalt on the titration 
of chromic acid with arsenious oxide, see p. 348. 

Molybdate .—Brintzinger and Oschatz^^ titrate molybdate 
with chromous chloride. After the reduction of Mo^* to Mo^ 
there is a distinct jump in potential; the quantitative reduction 
of Mo^ to Mo*^ is not marked by a large inflection in the potential 
curve. A large jump in potential occurs after complete reduc¬ 
tion of molybdate to Mo“\ 

Procedure .—To 20 cc. of molybdate solution are added 50 cc. of concen¬ 
trated hydrochloric acid and 50 cc. of water. This solution is heated to 

O. Tomiiek, Rec. trav. chim., 43, 809 (1924). 

*®H. Brintzinger and F. Oschatz, Z. anorg. allgem. Chem., 166, 221 (1927), 
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boiling and saturated with ptotassium chloride. The boiling is continued for 
half an hour, during which carbon dioxide is passed through in order to 
remove all air. The indicator electrode is a blank platinum wire; the 
titration is performed at 80“ to 100“ C. 

Iron and Molybdenum .—If ferric iron and molybdate are 
present in a solution, both are reduced simultaneously, and 
next quinquivalent molybdenum is reduced to the trivalent 
state. Brintzinger and Schieferdecker add to the solution 
which is to be titrated, 30 g. crystallized calcium chloride, 25 cc. 
of concentrated hydrochloric acid, and water to 100 cc.; the 
solution is boiled for 5 minutes while passing carbon dioxide 
through, and titrated in an atmosphere of the gas at 90°. 

The first jump in potential occurs after the completion of 
the following reactions: 

Fe+++ + Cr++ = Fe++ + Cr+++, 

M 0 ++++++ + Cr++ = M 0 +++++ + Cr+++, 
and the second after the quantitative reduction: 

M 0 +++++ + 2Cr++ = Mo+++ + 2Cr^++. 

H. Brintzinger and W. Schieferdecker, Z. analyt. Chem., 78, 110 (1929). 
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REDUCTION WITH STANNOUS CHLORIDE 

Muller and Gome ^ made a semi-quantitative study of the 
application of stannous chloride (and in two cases of stannous 
sulphate) to the titration of oxidizing substances. They deter¬ 
mined whether a large jump in potential was obtained at the end¬ 
point, but in most cases did not study the analytical accuracy of 
the determinations. Since stannous ions are oxidized by air, 
the titrations have to be carried out in an atmosphere of inert 
gas (N 2 or CO 2 ). 

As a rule they used a solution which was ^ molar in SnCU 
and 0.5 N in HCl. 

Iodine ,—^Large jump in potential. Ee = +0.102 volt 
(against N.C.E.). The same holds in the reverse titration of 
Sn“ with I 2 . 

Ferric Iron ,—The titration has to be carried out at 75°, 
because no jump in potential is observed at room temperature. 
The value of the equivalence-potential changes with the acid 
content of the solution. In sulphuric acid medium the jump is 
in all cases much smaller than in hydrochloric acid solution (in 
sulphuric acid solution hydrolysis occurs and hydrated tin oxide 
covers the electrode, which becomes rather sluggish). 

Bichromate ,—In hydrochloric acid medium a large jump is 
obtained at the end-point. The titration is made at room tem¬ 
perature. 

The standardization of stannous chloride with potassium 
bichromate does not yield good results, according to^Miiller and 
Stein.^ The amount of bichromate used changes with the speed 


^ £. Mailer and J. Gdme, Z. analyt. Chem., 78, 385 (1928). 
* £. Miiller and W. Stein, Z. £lektrochein., 86, 376 (1930). 
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of titration, the aridity and the temperature. An improvement 
is obtained by the addition of 1 tc. of J molar chromic chloride. 
Even then, the standardization of stannous chloride against 
bichromate can hardly be recommended. 

Ferricyamde. — At room temperature, the solution must 
contain at least 10 per cent of hydrochloric arid, otherwise 
staimic ferrocyanide is precipitated eind covers the electrode. 

NoUe Metals. —Muller and Bennewitz ® showed that stannous 
chloride is very useful for the quantitative titration of gold and 
platinum. The stannous chloride solution was prepared by dis¬ 
solving 4.5 g. SnCla • 2 H 2 O in 300 cc. of concentrated hydro¬ 
chloric acid, and adding water to a volume of 1 liter (approx. 
0.02 N). The reagent is standardized with potassium bichromate. 

Determination of Gold .—^Auric gold is reduced to the metallic 
state: 

2Au+++ -f 3Sn++ = 2Au + 3Sn++++. 

It is peculiar that the metaUic gold does not appear before 
about half of the theoretical amount of stannous chloride has 
been added. In the meantime the yellow color of the auric 
gold grows paler and finally the solution becomes colorless. 
With more reducing agent the red color characteristic of metallic 
gold appears, and the potential increases slightly (no distinct 
jump). This peculiar behavior has not yet been cleared up. It 
is possible, according to Muller and Beimewitz, that the reaction 
takes place in the following steps: 

4AU+++ + 3Sn++ = 2AU2+++ + 3Sn++++, 

2AU2+++ -t- 3Sn++ = 4Au + 3Sn++++. 

A reduction of auric to aurous ion may also take place, but not 
quantitatively, because in that case the precipitation of the 
metal should occur after addition of f of the theoretical amount 
of reagent. 

In order to be sure that all the gold is present in the tiivaJent 
form, Mtiller and Bennewitz add some chlorine water and then 
titrate at 18°. The air is removed beforehand by a stream of 

' E. MttUer and R. Beimewitz, Z. anorg. allgem. Chem., 179, 113 (1929). 
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nitrogen; the chlorine water is then added until the potential 
has increased to about 1 volt (against N.C.E.) A first jump in 
potential occurs after complete reduction of the chlorine, then 
the auric gold is reduced and a large jump occurs after the com¬ 
plete reduction to the metal. 

Muller and Stein ^ confirmed the fact that the titration of 
gold with stannous chloride yields good results, even if a trace of 
gold is to be determined. However, in the titration of about 0,1 
to 0.2 mg. of gold the deviation was of the order of 10 per cent 
(relative). In the presence of platinum a jump occurs at the 
point corresponding to the complete reduction of gold and a 
reduction of the quadrivalent planum to the divalent state. 
The titration yields only an approximate estimate of the sum of 
the two metals. 

Platinum ,—Muller and Bennewitz found that a distinct break 
in the potential curve occurs at the place where the quadrivalent 
platinum is quantitatively reduced to the divalent state. 

Pt++++ + Sn++ = Pt++ + Sn++++ 

The solution remains clear up to that point; with more reagent a 
dark brown precipitate of metallic platinum is formed; no jump 
in potential occurs, however, at the point where all the platinous 
ion should be reduced. 

At room temperature the reduction of the quadrivalent 
platinum takes place slowly; the titration is therefore performed 
at 75°, In order to be sure that all the platinum is present 
in the highest oxidation step, a little potassium bromate is added. 
After the air has been removed, the excess of oxidizing agent is 
titrated back at room temperature; the solution is heated to 75° 
(in an inert gas current) and the platinum is titrated. In the 
application of stannous chloride it is possible to use the simplified 
method by titrating until the inflection-potential is reached. 
The value of the latter,-however, is dependent upon the acidity of 
the solution. 

Muller and Bennewitz give the following figures (against 
N.C.E.): 

, * E. Muller and W. Stein, Z. Elektrochem,, 86, 376 (1930). 
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Titration, with 

Cubic Centimeters of 

Inflection- 

SnCL, of: 

Cone. HCI per 50 cc. 

Potential 

K2Cr207 

2 

-fO.46 

CI 2 

1 

-f-0.80 

HAuCU 

1 

-hO.45 

H2PtCl6 

1 

-fO.20 


These values do not hold rigorously, but are dependent on 
other factors besides the acidity. 

In a later paper, Miillcr and Stein ^ found that it w&,s impos¬ 
sible to titrate dilute platinum solutions accurately with stannous 
chloride. They could not confirm the results of Muller and 
Bennewitz (cf. also p. 368, where the titration of platinum with 
titanous chloride has been discussed). 

Gold and Platinum Together .—Muller and Bennewitz did not 
succeed in titrating gold and platinum separately when together 
in a solution. Only one jump in potential occurs after the 
reduction of both ions to the metallic state; however, the results 
are not quantitatively reproducible. 

Therefore if it is desired to determine the gold alone, it is 
better to use the ferrous sulphate procedure (c/. p. 339); plat¬ 
inum does not interfere. 

Mercuric Ion. —Hg++ + Sn++ = Hg + Sn++++. The titra¬ 
tion of mercuric chloride (sublimate) does not give a distinct 
jump at the end-point. Therefore Muller and Gome use 
mercuric perchlorate as a reagent and stannous sulphate in M/2 
sulphuric acid as the salt to be titrated. As chloride interferes, 
the method is of minor practical importance. If the stannous 
tin solution is titrated at 75°, a jump in potential occurs after the 
complete reduction of the mercuric ions to metallic mercury. A 
second jump in potential occurs after the addition of one and a 
half times the amoimt of reagent required for the first leap. 
Probably the stannic ions combine with mercury and mercuric 
ions: 


2Sn++'+'+ + Hg‘^-+ -fHg == Hg2'^‘^ 


» E. Muller and W. Stein, Z. Elektrochem., 86, 230 (1930). 
• E. Muller and J. GUme, Z. analyt. Chem., 78, 383 (1928). 
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A third jump occurs after the addition of double the amount 
of reagent. At this point the reaction: 

Hg + Hg++:e:^Hg2 + ^ 
is practically complete. 

The second jump in potential does not always occur exactly 
half-way between the first and third ones. If the stannous 
solution contains some stannic ions, it occurs later. If enough 
stannic salt is added so that the reaction: 

Sn++4-+ >|_ Sn’*-*^ + 2Hg+'‘'—> Hg2'^'^ Sn2'‘"^‘^‘+‘ 

is practically complete, the second jump falls away. For the 
delcrminaiion of tin the titration to the first jump in potential 
will do. The presence of antimony does not interfere. 

Permanganate, —In sulphuric acid medium with stannous 
sulphate as a reagent. As was to be expected, a large jump in 
potential occurs at the end-point. 

Chromates^ Vanadates and Molybdates^ Alone or m Presence 
of Each Other, —Trzebiatowski applied stannous chloride to 
the titration of these oxidants. Cr^* is reduced to Cr Vana¬ 
date is titrated in a medium containing 40 per cent of sulphuric 
acid at a temperature of 30® to 50®; V"" The reduction 

of to V”' by stannous ion is a slow process. 

Molybdate is reduced to the quinquivalent state 
(Mo^*—>Mo^). The titration is carried out at room tempera¬ 
ture in a medium containing 50 per cent of concentrated hydro¬ 
chloric acid. Addition of 50 to 100 mg. of Mohr’s salt as a 
catalyst is desirable. 

Chromate and Molybdate. — The titration is made with a 
solution containing 50 per cent of concentrated hydrochloric acid. 
After the reduction of the chromate (first jump in potential) 
50 to 100 mg. of Mohr’s salt is added. Between the first and 
second breaks in potential, Mo""* is reduced to Mo^. The HCl 
concentration should not be less than 50 per cent (concentrated 
HCl) at the end of the titration. 

^ W. Trzebiatowski, Z. analyt. Chem., 82, 45 (1930). 
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Vanadate and Molybdate. —The solution, containing 30 to 40 
per cent concentrated sulphuric acid by volume, is titrated at 
30® to 40®. After the first jump in potential is found (corre¬ 
sponding to —> V”), enough sulphuric add is added to the 
solution so that it still contains 35-40 per cent of add by volume 
at the second break in potential. After the first break the titra¬ 
tion is continued, the solution being at 90®-100®. (Mg’™ —»Mo’', 

and V" to V“'; the reduction of molybdenum catalyzes the 
reduction of V” to V’”). 

Chromate and Vanadate. —The solution, containing 50 per 
cent of sulphuric add, is titrated at room temperature. After 
the reduction of the chromate (Cr” —»Cr"’), enough sulphuric 
add is added to make 35-40 per cent at the second jump in 
potential. After the reduction of the chromate, 50-100 mg. of 
Mohr’s salt are added, and the titration continued at 90®-100°. 

Chromate, Vanadate and Molybdate. —First the procedure is 
followed as given for a mixture of chromate and vanadate. After 
the second break in potential, an aliquot portion of the solution 
is oxidized with bromate and ammoniiun sulphate {cf. p. 336); 
after all the bromine has been removed by boiling, 25 cc. of con¬ 
centrated sulphuric add are added and the vanadate is titrated 
at 60® (V^ V"). In the first titration a first break in potential 

occurs after the reduction of Cr^ to Cr" and V’' to V", and a 
second jump is observed after the quantitative reduction of 
V"'toV“andMo^toMo’'. 

After the oxidation with bromate, the vanadate alone is 
titrated, toV". 

{Note: The details given by Trzebiatowski are rather vague, 
and the authors do not believe that these procedures can be 
accepted as beiijg accurate without further study.) 
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MISCELLANEOUS METHODS 

1. Hydrazine Sulphate as a Reagent: Titration of Osmium .— 
Crowell and Kirschman ^ found that octavalent osmium in acid 
solution is reduced to the quadrivalent state. The reaction is 
probably the following: 

N 2 H 4 + H 2 OSO 5 + 6 HBr = N 2 + H 20 sBr 6 + 5 H 2 O. 

They use this reaction as a basis for the potentiometric titration 
of osmium in its octavalent state. The velocity of the reaction 
is rather slow and dependent upon the acidity and the tempera¬ 
ture. A direct titration at higher temperatures gives rise to 
losses due to volatilization of osmium tetroxide. 

They therefore proceed in the following manner: The solu¬ 
tion is acidified with hydrobromic acid, so that the total acidity 
is about 1,5 N; the temperature is raised to 50°-60°, and the 
titration with hydrazine sulphate is started. The amount of 
reagent required is several per cent less than the theoretical 
amount, because of loss by volatilization. Then sealed glass 
tubes are prepared, containing the amount of hydrazine sulphate 
found in the preliminary titration, enough hydrobromic add to 
make the final addity 1.5 N, and the sample of octavalent 
osmium solution. The tubes are heated for half an hour in a 
boiling water bath, cooled, opened, and the contents washed into 
the titration vessel with from 10 to 20 cc. of 1.5 N hydrobromic 
add; the potentiometric titration is completed with the solution 
at 70°, The temperature has to be kept constant within 2° 
because of the rather large temperature coeffident of the cell. 
The equilibrium voltage is obtained within 2 millivolts in less 

^ W. R. Crowell and H. D. Kirschman, J. Am. Chem. Soc., 61, 175 (1929), 
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than 3 minutes, except in the immediate vicinity of the end¬ 
point. The voltage drop at the latter is from 30-60 millivolts 
for 0.1 cc. of reagent (0.001 molar), dependent upon the acid 
concentration and the condition of the platinum electrode. 
Crowell and Kirschman found it necessary to replace the elec¬ 
trode after 10-12 titrations, since the usual method of recondi¬ 
tioning electrodes did not prove satisfactory. 

The method described is a rather tedious one; it might be 
promising to try the application of a stronger reducing agent like 
titanous or chromous chloride, so that the titration may be made 
with the solution at room temperature. 

2. Use of Mercurous Nitrate for the Determination of Man- 
ganese.—For the determination of manganese in steel, G. L. 
Kelley et al? perform the oxidation with sodium bismuthate, 
thus forming permanganic acid. The latter is titrated with mer¬ 
curous nitrate, a reagent which has the advantage of reducing 
permanganate quantitatively and rapidly at ordinary tempera¬ 
tures without reducing chromates or vanadates, which are also 
formed by the bismuthate oxidation. The reduction may be 
represented by the equation: 

4Mn^“ + 14Hg^ 3Mn'^ + Mn" + 14Hg", 

or 

4Mn04“' + 7Hg2-^+ + 20H+ 

3Mn02 + Mn++ + 14Hg++ -f IOH 2 O. 

This is the sum of the two simpler reactions: 

2Mn^“ + 6Hg^ 2Mn^^ + 6Hg”, 

and 

2Mn^ + 8Hg* ^ Mn^ + Mn" + 8Hg”, 

either of which might have been expected to occur more readily 
than the complicated reaction above. (C/. original paper for a 
detailed discussion of this interesting reaction.) 

When the solution contains chromates and vanadates, the 
titration is best carried out in the presence of a moderately high 

* G. L, Kelley, M. G. Spencer, C. B. Illingworth, and T. Gray, J. Ind. Eng. 
Chem., 10, 19 (1918). 
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concentration of sulphuric acid. Kelley et al, used SO cc. of acid 
of sp. gr. 1.58 and 200 cc. of water. With a lower acid concen¬ 
tration, manganese dioxide separates from the solution and 
erratic results are found in the titration. Nitric acid does not 
interfere if it be first freed of nitrous acid. This is best accom¬ 
plished by treating the acid with a small excess of sodium bis- 
muthate and filtering to remove the excess. The temperature 
of the solution should be close to 20° C. At higher tempera¬ 
tures a larger amount of mercurous nitrate is used, undoubtedly 
because of partial reoxidation of manganese. At low tempera¬ 
tures this reaction proceeds so slowly that it does not give trouble. 
Bienfait ^ has stated that the results are very dependent upon the 
speed of stirring, and upon various other factors. 

The mercurous nitrate solution is prepared by dissolving 
10.5 g. of the salt in 150 cc. of water, to which 2 cc. of nitric 
acid have been added. Any undissolved salt is removed by 
decantation, and the solution is naade up to a volume of 1 liter. 
Its strength is determined potentiometrically with a solution 
of permanganate which has been standardized against sodium 
oxalate. The permanganate solution contains 0.5 g. of man¬ 
ganese per liter. The. Kelley single-deflection end-point is 
used in the titrations {cf. p. 335). 

3. Reduction with Sodium Thiosulphate: Ferric Iron .—The 
reaction between ferric iron and thiosulphate, which occurs 
according to the equation: 

2Fe+++ + 28203“ = 2Fe++ + 8406“ 

is fairly slow, especially at lower temperatures. In warm solu¬ 
tions the reaction takes place more rapidly, but an excess of acid 
must be added to prevent the hydrolysis of the ferric salt. 
Under these conditions part of the thiosulphate may be decom¬ 
posed by the acid. Mika ^ advises that the titration be made 
at room temperature in the presence of 0.5 cc. of 0.5 N copper 
stflphate as a catalyst. At a volume of 75 cc. the solution should 
not contain more than 0.01 per cent of free hydrochloric acid. 

»H. Bienfait, Thesis, Amsterdam, 1928. 

* J. Mika, Z. Elektrochem., 84, 84 (1928). 
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Near the end-point the establishment of a constant potential is 
rather slow. Inflection-potential, 0.205 volt (against 0.1 N.C.E.) 
A quinhydrone electrode in a buffer mixture of plEL 2.8 has the 
same potential as the indicator electrode at the equivalence- 
point. The Pinkhof system may be applied by using this half¬ 
cell as a reference electrode; no potentiometer is then necessary. 

Quinone. —Y. Rzymkowski ^ uses thiosulphate as reducing 
agent in the determination of quinone (and quinhydrone). The 
reaction may be represented by the equations: 

C0H4O2 + 2 H+ + 8203 “ ^ C6H4O2H2S2O3, .... (a) 

CCH4O2 + C6H4O2H2S2O3 C6H4O2H2 + CGH4O2S2O3 ( 6 ) 

hydro(iuinone 

C(5H402S203 + 2 H+ + S203“^C6H402H2(S203)2. 

From equation {a) we see that the quinone is first reduced 
to hydroquinone monothiosulphuric acid. The latter reacts 
with quinone to form hydroquinone and quinone monothiosul¬ 
phuric acid, which reacts with a second thiosulphate ion to form 
hydroquinone dithiosulphuric acid. 

The titration is carried out at 30-40° in a medium which 
contains acetic acid or a little sulphuric acid. (Rzymkowski 
does not give details regarding the influence of hydrogen-ion 
concentration upon the shape of the curve.) The thiosulphate 
is added very slowly, 1 or 2 drops per second; if it is added too 
fast, too little reagent is required when the jump in potential is 
reached. Inflection-potential, 0.00 volt (against N.C.E.). A 
bimetallic electrode system is advantageous in this instance. 
An electrode of gold and another of iridium are dipped into the 
solution to be titrated. The electrodes are connected to a capil¬ 
lary electrometer without using the compensating system (Pink¬ 
hof system). The deflection of the electrometer is observed 
during the titration. It reaches its maximum at the equivalence- 
point. 

It is, of course, better in principle to use the Poggendorff 


® Y. Rz 3 makowski, Z. Elektrochem., 31, 371 (1925), 
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method, either with a calomel reference electrode, or with the 
simple bimetallic system. 

Selenious Acid. —Someya ® states that selenious acid and 
sodium thiosulphate react quantitatively at low temperatures.'^ 

Someya uses a blank platinum electrode which has first 
been polarized anodically in 2 N sulphuric acid at a current 
strength of 0.5 to 2 amperes for 10 minutes, and then for a brief 
period {i to second) cathodically. The electrode is washed 
with water and used immediately in the titration. The latter 
has to be carried out at a temperature lower than 3® C.; the 
hydrochloric acid concentration has to be 4-6 N at the end-point. 
The solution remains clear during the titration; after addition 
of an excess of thiosulphate a yellow fluorescence color (colloidal 
sulphur or selenium) appears after some time. The determina¬ 
tion can be carried out in the presence of tellurite, though in this 
case the jump in potential at the end-point is not as pronounced, 
and the shape of the titration curve is changed. Auric gold 
interferes; large amoimts of alkali chlorides are without influ¬ 
ence. 

4. Reduction with Sodium Sulphite: Hypochlorite. —Muller 
and Dietmann ® titrate hypochlorite with sodium sulphite. The 
advantage is that the titration curve is quite regular and that 
chlorite has no effect. On the other hand, the instability of the 
reagent is a serious objection, and the titration with arsenious 
acid is to be preferred {cf, p. 346). In case the solution contains 
chlorite, the reaction should be distinctly alkaline during the 
titration with arsenious oxide, for otherwise yellow CIO 2 is 
formed:® 

3 CIO 2 "- + 2HC10 = 2C1- + C 103 ~ + 2 CIO 2 + H 2 O. 

Hydrogen Peroxide and Monopersulphuric Acid- —Rius 
showed that these two oxidizing substances may be titrated 

•K. Someya, Sci. Reports of Tohoku Imp. Univ., 19, 124 (1930). 

’ Cf. also Norris and Fay, Am. Chem. J., 23, 119 (1900). 

® E. Muller and H. Dietmann, Z. analyt. Chem., 73, 138 (1928). 

® Cf. also F. Foerster and P. Dolch, Z. Elektrochem,. 23, 145 (1917). 

A. Rius, Trans. Am. Electrochem. Soc., 64, 347 (192S). 
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accurately with sodium sulphite if the end-point is determined 
potentiometrically. Persulphuric acid does not interfere. 

6. Reduction with Hydrogen Peroxide: Titration of Hypo¬ 
chlorite ,—Rius and Arnal titrate hypochlorite with a strong 
solution of hydrogen peroxide in a more dilute one of sulphuric 
acid. 


NaClO + H 2 O 2 = H 2 O + O 2 + NaCl. 

After the reduction of the hypochlorite is complete a jump in 
potential occurs. If the strength of the sulphuric acid (mixed 
with the peroxide) is known, the titration can be continued to 
determine the alkali. A jump occurs after the neutralization of 
NaOH, the next one after neutralization of half of the sodium 
carbonate, and the third after liberating all of the carbonic acid. 
We remark here that the jump after neutralization of the NaOH in 
the presence of carbonate is very small and can not show the 
end-point with great accuracy. Some vague points in the paper 
of Rius and Arnal should be worked out in more detail before this 
method can be applied generally. 

6. Uranous Sulphate as a Reagent: Hypophosphoric acid ,— 
Hypophosphoric acid forms a salt of composition UP 2 O 6 with 
uranous ions; the salt is slightly soluble, even in moderately 
acid solution. Treadwell and Schwarzenbach base a method 
for titration of hypophosphoric acid upon this fact. The reagent 
is prepared by the reduction of uranyl sulphate solution in 0.5 N 
sulphuric acid with the cadmium reductor, and standardized 
against 0.1 N permanganate. The solution which is to be 
titrated, containing not more sulphuric acid than 1 N, is mixed 
with 5 cc. of very dilute uranyl solution (for the rapid establish¬ 
ment of the potential), and titrated with the uranous solution in 
an inert atmosphere (CO 2 ). Air is harmful and must be removed 
completely. 

Phosphoric acid has no effect, whereas phosphorous acid and 
h 5 q)ophosphorous acid interfere. 

A, Rius and V. Araal, Trans. Am. Electrochem. Soc., 64, 361 (1928). 

** W. D. Treadwell and G. Schwarzenbach, Helv. Chim. Acta, 11,408 (1928). 
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7. Titration with Sodium Nitrite .—Application of the Poten- 

tiometric Method to Diazotation^ and the Quantitative Determina¬ 
tion of Amines. When the solution of an aromatic amine is 
diazotized free nitrous acid is formed at the completion of the 
reaction. A solution of nitrous acid, in contact with a platinum 
electrode, gives a definite potential. E. Muller and E. Dachsclt 
have found that there is a jump in potential at the equivalence- 
point of the titration of the acid solution of an aromatic amine 
with sodium nitrite. 

In the titration of aniline the reaction is: 

CeNsNHaHCl + NaN 02 + HCl ^ CGH 5 N 2 CI + NaCl + 2 H 2 O. 

The partial reactions that determine the potential are not known. 

The potential requires a long time to become steady during 
the titration. Therefore it is necessary to wait five minutes 
or more after each addition of reagent. The liquid must be 
stirred vigorously to obtain regular E.M.F. readings. The 
potential reaches a maximum at the equivalence-point, falling 
upon further addition of nitrite. Muller and Dachselt ascribe 
this behavior to the nitrous acid. If dilute hydrochloric acid 
is added to a nitrite solution the potential falls with increasing 
nitrous acid concentration. 

The Muller system’’ is recommended as practically con¬ 
venient. When the N.C.E. is used as reference electrode a poten¬ 
tial of 0.58 volt is opposed to the reaction cell, a potential 
divider being used to secure the proper voltage. The end¬ 
point is reached when the zero-point instrument (galvanometer 
or capillary electrometer) gives no deflection. Equilibrium is 
reached very slowly in the neighborhood of the end-point, and 
it is necessary to wait some time after a zero reading is obtained 
to be sure that the potential is constant. If this is not the case, 
nitrite is added drop by drop imtil the galvanometer reading 
is constant at zero. At this point the liquid does not give a 
reaction with iodide-starch paper; the next drop does react with 
die paper. Muller and Dachselt studied the titration of aniline 
(inflection-potential, -f 0.59 volt), xylidene (+0.56 volt), tolui- 

** E. Miiller and E. Dachselt, Z. Elektrochem., 81, 662 (1925). 
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dene (+0.58 volt), and aminoazobenzene disnlphonic add 
(+0.54 volt). 

For technical purposes it is still easier to use the Pinkhof 
system. Muller and Dachselt therefore recommend a platinum 
electrode dipping into an acid solution of the same concentra¬ 
tion as that of the liquid to be titrated, and containing 1.92 
per cent of sodium nitrite, as an auxiliary electrode. The dip 
electrode described by E. MuUer also gives good results. 

Attempts were made to accelerate the reaction by using 
higher temperatures. Side reactions occur, causing errors: 
3 per cent at 60°; 0.5 per cent at 30°. At 20° or below the results 
are very accurate. Hence it is not necessary to cool in ice 
during the diazotation. Muller and Dachselt did not study 
the effect of acid concentration on the inflection-potential. 

Care is necessary in the application of the above method 
in the opinion of Kolthoff, who had attempted to apply the 
reaction in the titration of dilute solutions of primary amines 
before the appearance of the paper by Miiller and Dachselt. 
He did not succeed in obtaining accurate results. No large 
jump in potential could be noticed even when the solutions 
were cooled in ice. Muller and Dachselt applied their method 
in concentrated solutions. For instance, they titrated a solu¬ 
tion of 2.5 g. of aniline in 8 g. concentrated hydrochloric acid, 
and 40 cc. of water, with a solution containing 196.2 g. sodium 
nitrite per liter. 

A more systematic study of the titration would be desirable. 

8. Aluminum and Magnesium with Soditun Fluoride.— 
Aluminum ions form complex ions with fluoride according to the 
reaction: 

A1+++ + 6F“^=±A1F6^. 

Magnesium salts form a complex which is much less stable: 

Mg++ + 3F“"?=± MgFa' 

An application of both reactions has been made by Treadwell 
and Bemasconi to the titration of aluminum and magnesium 
i*E. Muller, Z. Elektrochem., 80, 422 (1924). 

“ W. D. Treadwell and E. Bemasconi, Helv. Chim. Acte, 18, 500 (1930). 
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in the presence of each other. The ferri-ferro electrode serves 
as an indicator; only a trace of ferric iron is used. In the pres¬ 
ence of an excess of fluoride the potential drops on account of the 
formation of a complex ferric fluoride. 

Procedure: The solution, which should not have an acidity 
higher than the equivalent of 8 X 10“^ N hydrochloric acid, is 
transferred to the titration flask. Carbon dioxide is bubbled 
through to remove air. The solution is saturated with sodium 
chloride, after which an equal volume of 96 per cent alcohol is 
added. After passing carbon dioxide through for S minutes, 2 
drops of a ferrous chloride solution (20 g. FeCl24H20 in 100 cc. 
of water, containing a trace of ferric salt) are added, and the 
blank platinum electrode is dipped into the solution. The 
titration with 0.5 N sodium fluoride is then started. The forma¬ 
tion of the complex compoimds is a time reaction, and therefore 
it is necessary to wait a relatively long time after the addition 
of reagent until the potential is constant. The complete titra¬ 
tion requires about 45-60 minutes. 

In the titration of aluminum salts a slight break in the poten¬ 
tial occurs after addition of | to J of the equivalent amount of 
fluoride. In the presence of magnesium this break is more pro¬ 
nounced; its theoretical interpretation is stiU unknown. After 
quantitative formation of the AIFe" complex a large jump in 
potential occurs. 

If magnesium is also present a third jump in potential is 
observed after the quantitative formation of the complex MgFa". 
This jump occurs at a potential about 0.160 volt more negative 
than that at the end of the aluminum titration. The method is 
recommended for the titration of traces of magnesium in the 
presence of a large excess of aluminum, and conversely for the 
determination of small amounts of aluminum in the presence of a 
large excess of magnesium. The results are fairly accurate. 
(The influence of various cations and anions has not been studied, 
and therefore the method should be applied with caution in 
mixtures of more complicated composition.) 
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ZwERiNA, J., see Lang, R. 



TABLES 


TABLE I 


Standard Values for Calomel Electrodes 
(Referred to the Normal Hydrogen Electrode) 


1 

Electrode 

E.M.F. 

0.1 N Calomel Electrode 

0.3380 


0.00006(<-18) 

1 N Calomel Electrode 

0.2864 

+ 

0.00024(i-18) 

3.5 N Calomel Electrode 

0.2549 

+ 

0.00039(/-18) 

Saturated Calomel Electrode 

0.2504 

4- 

0.00065(i-18) 


Value of 0.0001983T in the formula: 

E = €0 — 0.0001983T log c = €o — A log c. 
A = 0.0577 + 0.0002(/ - 18) 
between / = 10® and 30®. 

TABLE n 
Normal Potentials 


The values are mostly taken from No. 8 der Abh. der Deutschen Bunsen- 
gesellschaft, 1929. The potentials are referred to the normal hydrogen electrode. 


Electrode Reaction 

Normal 

Potential 

Li?=tLi-^ + e. 

- 3.02 Volts 

K?=iK+ + ©. 

- 2.92 

Ba?=iBa++ + 2©. 

-2.8 

Na?=±Na+-f- 0. 

- 2.71 

Sr?:2Sr++ + 2 0. 

-2.7 

Ca Ca++ + 2 e. 

-2.5 

Mg ^ Mg"^*** 4-2©... 

- 1.55 

Zn 4 30H- ?:± ZnOaH- 4 H^O 4 2 0. 

- 1.18 

Mn?=tMn++4 2 0. 

- 1. 

Cu + HS- + OH- j=s CuSwiid + HsO + 2 © .. 

-0.89 

H, + 20H- ^ 2 H 2 O + 2 © . 

- 0.82 

Hg 4 HS- 4 OH-?:±HgS8oiid 4 H 2 O 4 2 0.. 

-0.77 

Zn?^Zn+'*' 420. 

-0.76 

2Ag + HS- + OH-AgjS«,ud + H,0 + 2 ©.. 

-0.67 

CrfSCr++ + 2©. 

-0.6 

Pb + HS- + OH-?:i PbSMua + H,0 + 2 ©.. 

-0.56 

Pb + 20H- ^ PbOtoiw + HsO + 2 ©. 

- 0.56 
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TABLE II —Continued 


Electrode Reaction 


Normal 

Potential 


2NH, dissolved 4- H 2 4=± 2 NH 4 + 4-20. 

8“ ^ Ssoiid 4-20. 

HS-* 4- OH-'?=i Ssoiid 4- H 2 O 4- 2 0. 

Ag 4- 2CN“ Ag(CN)2” 4-0. 

Fe?=±Fe++4-20. 

Cr++?±Cr+++4-e. 

Cd Cd++ 4-2 0. 

2Cu 4“ 2 OH'” 4 ^ Cu 2 Oa 0 iid 4“ H 2 O 4-2 0 

Pb 4- SO 4 " PbS 04 solid 2 0. 

Tlt5Tl+4-e. 

Pb 4- 21- Pbl2 solid 4-20. 

Co4=iCo++4-2 0... 

Pb 4- 2Br- PbBr 2 solid 4- 2 ©. 

Pb4-2Cl-?:±PbCl2 4-2 0..... 

Ni4=iNi++4-2 0. 

Cu 4-1" 5=^ Cul solid 4“ ©. 

Ag 4 - 1“ ^ Agisolld 4- ©. 

Pb4=iPb++4-2 0. 

Sn?=iSn++ + 2 0. 

Fe;=iFe+++4-3©. 

Ti-P++^Ti++++4-©. 

2Hg4-2I-4:±Hg2l2soiid4-2©. 

H2?±2H+4-2©. 

Sn;^Sn++++4-4 0. 

Ag 4- Br- ^ AgBrsoiid 4- ©. 

Hg 4- 20H- 4=i HgOsoiid 4- H 2 O 4- 2 0. 

Cu 4" Cl” CuClsoiid 4 - ©. 

Cu+?:iCu++4- ©. 

Sn++^Sn++++4-2 0. 

Sb4=±Sb+++4-3©. 

Ag 4“ Cl” AgClsoiid 4- ©. 

Bi?=iBi+++4-3 0. 

2Hg 4“ 2C1- Hg 2 Cl 2 solid 4 - 2 ©. 

As?:±As+^+4-3©. 

Cu 4=:i Cu++ 4- 2 ©. 

2Ag 4“ 20H- Ag208oiid 4 - H 2 O 4“ 2 © 

V+++ 4- H 2 O + © VO+-^ 4- 2H+. 

U++++ 4 . 2 H 2 O UOs-»-+ 4- 4H+ 4“ 2 0... 


- 0.55 Volts 

- 0.55 

- 0.51 

- 0.51 

- 0.43 

- 0.41 

- 0.40 

- 0.35 

- 0.34 

- 0.33 

- 0.31 
~ 0.29 

- 0.27 

- 0.26 
- 0.22 

- 0.17 

- 0.14 

- 0.12 
- 0.10 

- 0.04 

- 0.04 
~ 0.03 

0.00 

4-0.05 

4-0.08 

4 - 0.11 

4-0.13 

4-0.17 

4 - 0.2 

4-0.2 

4 - 0.22 

4-0.23 

4-0.275 

4-0.3 

4-0.34 

4-0.35 

4-0.4 

4-0.41 
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TABLES 


TABLE II —Continued 


Electrode Reaction Normal 

Potential 


40H-- O 2 4- 2 H 2 O 4-4 0 


Co Co-^++4-3 0. 4-0.42 

Fe(CN)«- Fe(CN)fl* 4-0. 4-0.44 

W(CN) 8 * W(CN) 8 ® 4-0... 4-0.51 

Cu;=iCu+4-0. 4-0.52 

2 l“?=il 2 4-2 0. 4-0.54 

Mn04- 4=± Mn04“ 4-0. 4-0.61 

2Hg 4- SO 4 - Hg2S04 4-2 0. 4-0.62 

Ti^T1+++4-3 0. 4-0.72 

2 Hg 4=± Hg 2 +-^ 4-2 0. 4-0.75 

Fe++?:i Fe+++ 4-0. 4-0.76 

2 CNS- (CNS )2 4-20 . 4-0.77 

Ag?iAg'‘‘4-0. 4-0.80 

Mo(CN) 8 = Mo(CN) 8 * 4-0. 4-0.82 

Hg?:±Hg++4-2 0. 4-0.86 

Hg 2 ++ 4=4 2 Hg++ 4-2 0. 4-0.91 

NO 4- H 2 O NOa- 4 - 4H+ 4 - 3 0. 4-0.95 

2OH*“4=4H2O2 4-2 0 . 4*1 

I-4-3H2O?=tIO-8 4 - 6 H+ 4-6 0 . 4- 1.08 

2 Br-?=4 Bra 4 -2 0. 4-108 

VO'^+4-2H2O?:±VO8~'4-4H+4-0. 4-1.2 

Au+ 3P=± Au'**'^'*' 4-2 0 . -hl .2 

T1+5p±t1+++4-2 0 . 4 - 1.21 

2 H 2 O 4=4 O 2 gas -|- 4H'*' "4-40,. 4-1.23 

Au?=±Au+++4-3 0. 4-1.3 

Cr+++ 4 - 4 H 2 O HCr 04 - 4- 7H+ 4- 3 0. 4-1.3 

Mn++ 4- 2 H 2 O 4:± MnOa aoUd 4- 4H+ 4- 2 0. 4-1.35 

2Cl-4 =± CI 2 4-2 0. 4-1.36 

Cl- 4- 3 H 2 O ?=± CIO 3 - 4- 6H+ 4- 6 0. 4-1.44 

Pb++ 4- 2 H 2 O 4=i Pb02 aoiid 4- 4H+ 4- 2 ©. 4-1 44 

Ce+++ ^ Ce++++ 4-0. 4-1.45* 

Au Au+4-0. 4-1.5 

MnO, Boiid 4- 2HaO MnOa" 4- 4H+ 4-3 0. 4-1.63 

PbSOaBoud 4- 2 H 2 O ^ PbO, 4-4H+ 4-SO 4 - 4 - 2 ©. 4-1.66 

Co++3=± Co+++4-0. 4-1.79 

0 4-H20?:i02 4-2H+4-2©. 4-1.9 

2F-?=iF2g»«4-2 0. 4-2.85 


* In 0.5 to 1.0 molar sulphuric acid at 25** C. A. H. Kunz, J. Am. Chem. Soc., 
68, 98 (1931). 
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TABLE III 

Ion-Product Constant or Water at Various Temperatures 



Ktt, 

pKw 

0 " 

0.1X10-14 

14.92 

10 

0.3X10-14 

14.52 

18 

0.7X10-14 

14.16 

25 

1.2X10-14 

13.92 

30 

1.8X10-14 

13.75 

50 

8 X10-14 

13.10 

60 

12.6X10-14 

12.90 

70 

21.2X10-14 

12.67 

80 

35 X10-14 

12.46 

90 

53 X10-14 

12.28 

100 

73 X10-14 

12.14 


TABLE IV 


Dissociation Constants of Some Acids and Bases 


Acid 

Ka 

logKa) 

Inorganic Acids 

Arsenious oxide. 

6 


X10-'» 

9.22 

Arsenic acid, first step. 

5 


xio-3 

2.30 

Boric acid. 

6 

.1 

X10-'» 

9.22 

Carbonic acid, first step. 

3, 

.04X10-7 

6.52 

second step. 

4 


X10-“ 

10.35 

Phosphoric acid, first step. 

1 

.1 

X10-» 

1.96 

second step. 

7, 

.5 

X10-« 

7.13 

third step. 

5 


XlO-13 

12.30 

Pyrophosphoric acid, first step. 

1 . 

,4 

XlO-1 

0.85 

second step. 

1 . 

.1 

X10-» 

1.96 

third step. 

2 . 

9 

X10-’ 

j 6.54 

fourth step. 

4 


X10-“ 

9.40 

Nitrous acid... 

4 


X10-* 

3.40 

Sulphuric acid, second step... 

3 


X10-‘ 

1.50 

Sulphurous acid, first step. 

1 . 

7 

X10-* 

1.77 

second step. 

1 


X10-’ 

7.0 

H 3 ^iogen sulphide, first step. 

5, 

,7 

X10-» 

7.24 

second step. 

1 , 

2 

X10-“ 

14.92 
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TABLES 



Kb {pK = —log Kb) 


Inorganic Bases 

Ammonia. 1.75 

Hydrazine. 3 



Aliphatic Bases 


Diethylamine. 
Triethylamine. 
Gl3^e. 










































DISSOCIATION CONSTANTS OF SOME ACIDS AND BASES 451 



Aromatic Bases 


(/>K==-logKi)) 


Aconitine. 

Aniline. 

Apomorphine. 

Atropine. 

Brucine, first step. 


1.3X10- 
4.6X10- 
I xio- 
4.5X10- 
9.2X10- 


sccond step. 2 XIO- 

Cocaine. 2.6X10' 

Codeine. 9 XIO' 

Colchicine. 4.5X10“ 

Coniine. 1.3X10- 

Ecgonine. 6 XIO" 

Emetine, first step. 1.7X10" 

.second step. 2.3X10" 

Hydrastine. 1.7X10" 

Isoquinoline. 2 X10~ 

Morphine. 6.8X 10- 

Narceine. 2 X 10- 

Narcotine. 1.5 X 10- 

Nicotine, first step. 7 X 10- 

second step. 1.4X10“ 

Papaverine. 8 X10“ 

Physostigmine, first step.. 7.6X10“ 

second step. 5.7X10“ 

Piperazine, first step. 6.4X10“ 

second step. 3.7X10“ 

Pilocarpine, first step. 7 X 10- 

second step. 2 XIQ- 

P3rridine. 2 X10“ 

Quinine, first step. 1 XIO" 

second step. 1.3X10“ 

Quinidine, first step. 3.7X10“' 

second step. 1 X10“ 


Cinchonine, first step. 

l.4X10“« 

5.85 

second step. 

5 X10-11 

10.3 

Cinchonidine, first step. 

! 1.6X10-6 

5,80 

second step. 

8.4X10-11 

10,08 

Quinoline. 

3.2X10-10 

9.5 

Solanine. 

2 X10-' 

6.7 

Sparteine, first step. 

S.7X10-* 

2.24 

second step. 

sixio-’® 

9.5 

Stiychnine, first step. 

1 X10-* 

6 

second step. 

2 X10-“ 

11.7 
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TABLES 


TABLE V 

SoLUBiLrry Products or Some Salts 
(Averaged Values from the Literature) 


Salt S 


Ag Salts 


Inorganic 


Silver 


bichromate. 

2 X10-» 

bromide. 

4 X10-“ 

bromate. 

5 X10-‘ 

carbonate. 

5 XlO-i* 

chloride. 

1.1X10-10 

chromate. 

2 X10-»‘ 

cyanide. 

2 X10“i* 

hydroxide. 

2 X10-« 

iodate. 

2 X10-* 

iodide. 

1 X10-10 

sulphide. 

1.6X10-" 

thiocyanate. 

1 XlO-1* 

Organic 


Silver 


benzoate. 

9,3X10-‘ 

oxalate. 

5 X10-12 

salicylate. 

I.4X10-‘ 

valerianate. 

8 XI0-‘ 

Ba Salts 


Bariuni^ 


carbonate. 

7 X10-» 

chromate. 

2 X10->“ 

iodate. 

6 X10-“ 

sulphate. 

1 xio-» 

Organic 


Barium 


Oxalate * 3^HsO. 

J.7X10-’ 

Ca Salts 


Calcium 


carbonate. 

1.2X10-* 

fluoride. 

3.5X10-“ 

iodate. 

6.5X10-T 

sulphate. 

6.1X10-' 

oxalate. 

2 XIO-* 

tartrate. 

7.7X10-» 
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TABLE W—<^orUinued 
Solubility Products of Some Salts 


(Averaged Values from the Literature) 


Salt 

S 

PB 

Cd Salts 

Cadmium 



sulphide. 

4 X10“2» 

28.4 

oxalate. 

1.1X10-* 

7.96 

Ce Salts 

Cerium 



iodate. 

3.5X10~w 

9.46 

oxalate. 

2 6X10-” 

28.39 

tartrate. 

9.7X10-*» 

19.01 

Cu Salts 

Cuprous 



bromide... 

4.1X10-» 

7.39 

chloride. 

1 X10-* 

6 

iodide. 

5 X10-»2 

11.3 

sulphide. 

2 X10-«’ 

46.7 

thiocyanate. 

1 6X10-11? 

10.80? 

Cupric 



iodate. 

lAXlO-'i 

6.85 

sulphide. 

8.5X10-« 

44.07 

oxalate. 

2.9X10-« 

7.54 

Hg Salts 

Mercurous 



bromide. 

1.3X10-21 

20.89 

chloride. 

3.1X10-1* 

17.5 

iodide. 

1.2X10-2* 

27.92 

Mercuric 



oxide. 

1.4X10-** 

25.9 

sulphide. 

4 X10-*« 

52.4 

K Salts 

Potassium 



bitartrate. 

3 XIO-i 

3.5 

La Salts 

Lanthanum 



iodate. 

5.9X10-1* 

9,23 

oxalate. 

2 X10-*« 

27.7 

tartrate. 

2 XlO-i* 

18.7 
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TABLES 


TABLE V —Continued 
Solubility Products of Some Salts 
(Average Values from the Literature) 


Salt 

S 

pB 

Mg Salts 



Magnesium 



carbonate. 

2 X10-< 

3.7 

fluoride. 

7 X10~> 

8.16 

hydroxide. 

1.2X10-“ 

10.92 

ammonium phosphate. 

2.5X10-'“ 

12.6 

oxalate. 

8.6X10-5 

4.07 

Pb Salts 



Lead 



carbonate. 

33X10-^4 

13.48 

chromate. 

1.8X10-'“ 

13.75 

fluoride. 

7 XIO-® 

7.5 

iodate. 

1.2X10-'“ 

12.92 

iodide. 

1.3X10-“ 

7.5 

sulphate. 

1 xio-“ 

8 

sulphide. 

1 xio-“» 

29 

oxalate. 

3.4X10-*' 

10.47 

Sr Salts 



Strontium 



carbonate. 

1.6X10-" 

8.80 

sulphate. 

2.8X10-' 

6.56 

oxalate. 

5 Xfo-* 

7.3 

T1 Salts 



Thallium 



bromide. 

2 X10-* 

5.7 

bromate. 

8.5X10-“ 

4.07 

chloride. 

1.5X10-“ 

3.82 

iodate. 

2.2X10-' 

5.66 

iodide. 

2.8X10-“ 

7.55 

sulphide. 

4.5X10-““ 

22.35 
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TABLE VI 


Some Complex Constants 


Expression 

Value of K 

Expression 

Value of K 

[Ag+][NHa]» 

IAg(NH>)2+] 

6.8X10-* 

[Hg++][Cl-]< 

[HgCl.-] 

6 X10-” 

(Ag+][N02-]» 

I.5X10-’ 

ing++l[Br-]* 

2.2X10~*2 

[Ag(N02)2-] 

[Ag+lISaOai* 

1 xio->» 

IHgBr,-] 

[AgfSaOa)*®] 


5 X10~»i 

[Ag+][CN-]» 

[Ag(CN)2-] 

1 xio-“ 

lIlgL-] 

[Hg++]tCN-]‘ 

[Cu+](CN-1« 

[CuCCN)!-] 

5 X10-» 

IHgCNa-J 

4 XIO'*^ 

[HgCUKCl-]'' 

[HgCl.-] 

1 XIO-'' 

[Hg+M[CNS-]' 

[HgCCNS),-] 

1 X10-22 


According to M. Randall and J. O. Halford, J. Am. Chem. Soc., 62, 178 (1930), 
the following constants apply at 25°. 


aAg+(aNH 40 n)» 

aAg(NIl3)2+ 


= 7.86 X 10-« 


aAg->-(aCN-)" 

aAg(CN),- 

flAg"'’ X aCN“ 


= 3.81 X 10-» 


= 7 X 10-» 


aAg+CoSOa-)^ 

oAg(SOa)2” 


= 3.00 X 10-», 


where a represents the activity of the component. 
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TABLES 


TABLE Vn 

List op Atomic Weights (1931) 


Element 

Sym¬ 

bol 

International 
Atomic Weight, 
1931 

Atomic Weight 
in Air. 
(Rational 
Atomic Weight) 

Atomic Weight 
in Air. 

Approximated 
to 0.1 Per Cent 

Aluminum. 

A1 

26.97 

26.96 

27.0 

Antimony. 

Sb 

121.76 

121.755 

121.8 

Arsenic. 

As 

74.93 

74.92 

74.9 

Barium. 

Ba 

137.36 

137.36 

137 4 

Bismuth. 

Bi 

209.00 

209.01 


Boron. 

B 

10.82 

10.81 


Bromine. 

Br 

79.916 

79.90 

79.9 

Cadmium. 

Cd 

112.41 

112.41 

112 4 

Calcium. 

Ca 

40.08 

40.07 


Carbon. 

C 

12.00 

11.995 

12.0 

Cerium. 

Ce 

140.13 

140.1 

Chlorine. 

Cl 

35.457 

35.45 

35.45 

Chromium. 

Cr 

52.01 

52.0 

52.0 

Cobalt. 

Co 

58.94 

58.94 

58.9 

CoDoer. 

Cu 

63.57 

63.57 

63 6 

Fluorine. 

F 

19.00 

18 99 


Gold. 

Au 

197.2 


197.2 

Hydrogen. 

H 

1.0078 

1.001 


Iodine. 

I 

126.932 

126.912 


Iron. 

Fe 

55.84 

55.84 

55.8 

Lanthanum. 

La 

138.90 

138.9 

Lead. 

Pb 

207.22 

207.23 

207.2 

Lithium. 

Li 

6.940 

6.940 

6.94 

Magnesium. 

Mg 

Mn 

24.32 

24.32 

24.3 

Manganese. 

54.93 

54.93 

54.9 

Mercury. 

Hg 

Mo 

200.61 

200.62 


Molybdenum. 

96.0 

96.0 

96.0 

Nickel. 

Ni 

58,69 

58.69 

58.7 

Nitrogen. 

N 

14.008 

13.998 


Osmium. 

Os 

190.8 

190.8 


Oxygen. 

0 

16.0000 

15.995 

16.0 

PaUadium. 

Pd 

106.7 

106.7 


Phosphorus. 

P 

31.02 

31.01 

31.0 

Platinum. 

Pt 

195.23 

195.24 

195.2 

Potassium. 

K 

39.10 

39.08 

39.1 

Selenium. 

Se 

79.2 

79.2 

79.2 

Silicon. 

Si 

28.06 

28.05 

28.0 

Silver. 

Ag 

Na 

107.880 

107.88 


Sodium. 

22.997 

22.99 

23.0 

Strontium. 

Sr 

87^3 

32.06 

87.62 

87.6 

Sulphur. 

S 

32.045 

32.05 

Thallium. 

T1 

204,39 

204.39 


Tin. 

Sn 

118.70 

118.70 

118.7 

Titanium. 

Ti 

47.90 

47.9 

47.9 

Tungsten. 

W 

184.0 

184.0 

184.0 

Uranium. 

U 

238.14 

238.14 

238.0 

Vanadium. 

V 

! 50.95 

50.95 

51.0 

Zinc. 

Zn 

65.38 

65.38 

65.4 
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Explanation of the Table .—The third column contains values taken from the Report of 
the Committee on Atomic Weights of the International Union of Chemistry, G. P. Baxter 
(Chairman), Mme. M. Curie, O. Hdnigschmid, P. Le Beau and R. J. Meyer, J. Am. Chem. 
Soc., M. 1627 (1931). 

These atomic weights refer to weighing in vacuo. They should not b ‘ used for accurate 
analytical work unless a correction is applied for the buoyant effect of air. This co rection 
has been calculated according to N. Schoorl by taking into account the atomic volume of each 
element. (Chem. Weekblad, IS. 547 1918); M, 156 (1925); Z. anal;^. Chem., 57. 209 
(1918). He assumes the atomic volume of each element to be constant in its various com¬ 
pounds, which is not quite justified. The deviations, however, are small and the fourth 
column contains this corrected list of rational atomic weights, which may be used in accurate 
quantitative work. 
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LOGARITHMS 


Natural 

Numbers. 





1 



1 


9 

"i 

1 

?RC 

2 

>P0 

3 

RT 

4 

(ON 

5 

AL 

6 

Pi 

7 

iRl 

8 

s. 

9 

10 

0000 

0043 

0086 

00 

0 

0170 


0253 

0294 

0334 

0374 

4 

8 

12 

17 

21 

2S 

25 

33 

37 

II 

0414 

04S3 

0492 

0531 

0569 

0607 

0645 

0682 

0719 

0755 

4 

8 

11 

IS 

19 

33 

2^ 

3C 

34 

12 

0792 

0828 

0864 

0899 

0934 

0969 

1004 

1038 

1072 

1106 

3 

7 

IC 

14 

17 

21 

24 

28 

31 

13 

1139 

1173 

1206 

X239 

1271 

1303 

1335 

1367 

1399 

1430 

3 

6 

XG 

13 

i£ 

IS 

23 

26 

2p 

14 

1461 

1492 

1523 

1553 

1584 

1614 

1644 

1673 

1703 

1732 

3 

6 

s 

12 

IS 

18 

21 

24 

37 

15 

1761 

1790 

1818 

1847 

1875 

1903 

1931 

1959 

1987 

2014 

3 

6 

8 

II 

14 

17 

2G 

22 

25 

i6 

2041 

2068 

2095 

2122 

2148 

2175 

2201 

2227 

2253 

2279 

3 

5 

8 

II 

13 

xti 

X 8 

21 

24 

17 

2304 

2330 
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SUBJECT INDEX 


A 

Absolute potentiometric system, 125 

Accumulators, 73 

Acetates, displacement with strong 
acid, 211 

Acids, determination of (c/. also Neutral¬ 
ization) 

acetic, 30, 32, 38, 209, 218 
arsenic, 210 
arsenious, 210 

boric, 38, 210, 212, 222, 240, 244, 
245 

carbonic, 210 
chloric, 225 
chromic, 218, 225, 392 
cinnamic, 245 
citric, 37, 210, 222 
fatty, 213, 230 
ferrocyanic, 210 
lluosilicic, 210 
fumaric, 37, 240 
hydrazoic, 245 
hydrochloric, 209, 218 
hydrocyanic, 240, 245 
iodic, 210, 219 
isobutyric, 209 
lactic, 209, 222 
maleic, 37, 240, 245 
malic, 37 
malonic, 37, 240 
mellitic, 209 
mixtures of, 212 
organic, 295 
oxalic, 37, 295 
perchloric, 218, 225 
periodic, 210, 219, 343 
phosphoric, 210, 212, 222, 240, 
245 

phosphorous, 240 
phthalic, 222 
polybasic, 36 


Acids, 

proprionic, 209 
pyrophosphoric, 210 
selenious, 230, 240, 343 
succinic, 210 
sulphaiiiUc, 305 
sulphuric, 209 
sulphurous, 240, 245, 263 
tartaric, 37, 209 
telluric, 245 
vanadic, 392 

Acids, dissociation constants of, Table 
IV, 449-450 
Activity, 2, 3, 201 
coefficient, 201 
Air electrode, 215ff 
Alizarine, 219 

Alkaloids, determination of, 180, 218, 
220, 241, 244 

effect on hydrogen electrode, 209, 
212 

Alloys {see also Steel) 
of tin, 391 

Aluminium salts, titration of 
with alkali, 230, 241 
with sodium fluoride, 409 . 

Amines, determination of, 408 
Amino azo benzene sulphonic acids, 409 
Ammonia, 210 

oxidation with hypobromite, 313 
Ammonium salts, determination of, with 
alkali, 212, 243 

Aniline, determination of, 210, 305, 306, 
408 

Antimony, determination of, as sulphide, 
186 

with bichromate, 278 
with bromate, 303 
in presence of arsenic, 304 
with ceric sulphate, 284 
with chromous solution, 389 
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Antimony, delennination of, with chro- 
mous solution, in presence of 
tin, 391 

in presence of tin and copper, 391 
with ferricyanide, 321 
with titanous solution, 362 
in presence of arsenic, 362 
in presence of iron, 362 
dectrode, 235ff 
materials for, 236 
.pH measurement with, 236, 237 
titrations with, 239, 240, 241 
vessel for, 237 

trioxide, purification of, 236, 237 

Aromatic compounds, bromination of, 
305 

Arsenate, determination of, with silver, 
168 

Arsenic, determination of, as sulphide, 
186 

in p 3 rrites, 384 
with bromate, 303 
micro-titration, 304 
with ceric sulphate, 286 
with ferricyanide, 321 
with hypobromite, 311 
trioxide, reduction with, 346ff 

Arsenite, determination of, with silver, 
168 

Atomic weights, Table VII, 456 

Audio Tubes, see Vacuum tubes 

B 

Barium, determination with chromate, 
198 

Bases, determinatbn of, see Neutraliza¬ 
tion; see under individual sub¬ 
stances, ammonia, aniline, etc. 
dissociation constants of. Table IV, 
450-451 

Battery, storage, 73 

Benzylamine, determination of, 210 
in presence of sodium hydroxide, 210 

Bichromate, determination of, with 
chromous solution, 381 
In presenceof iron and copper, 384 
with ferrous solution, 277 
anomaly of, 277 


Bichromate, determination of, with 
stannous solution, 396 
with titanous solution, 371 
in presence of iron, 371 
in presence of ferric 3 ^ide, 372 
See also Chromium, determination of 
Bimetallic electrode systems, 104ff 
in determination of chloride, 149 
in neutralizations, 109ff, 221, 222, 
244-247 

in oxidation-reduction reactions, 104ff 
dissimilar electrodes 104ff 
electrodes of unequal area, 107, 108 
polarized, 11 Off 
in neutralizations, 220, 221 
Bismuth, determination of, as sulphide, 
187 

with chromous solution, 385 
with titanous solution, 364 
in presence of other metals, 365 
Blood, determination of chloride in, 
150 

hemoglobin, 323 
Borax, titration of, 222 
Boric acid, see Acid, boric 
Bridge, slide-wire, 85 
Bromate, determination of, indirect, 261 
with arsenious acid, 347 
with titanous solution, 374 
Bromide, determination of, with mer¬ 
cury, 178 

with permanganate, 262 
with silver, 150 

in presence of chloride, 157, 158 
precision of, 151 

Bromination, of aromatic compounds, 
305 

Burette, drop, 92 
electrode, 84 

C 

Cadmium, determination of, as ferrocy- 
anide, 328 

in presence of lead, 330 
in presence of silver, 329 
in presence of zinc, 329 
as sulphide, 187 
indirect, 184 
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Calcium, determination of indirect, 184, 
296 

Calomel electrodes, 79ff, 201-202, Table 
1,446 

concentration of KCl, 83 
substitutes for, 83, 84 
temperature coefficient of, 82 
Capillary electrometer, 76-79 
Cavanagh’s methods, 124ff 
Cell, concentration, 3, 4 
E.M.F. of, 3, 4 

half'Cell, 70; see Electrode, calomel, 
etc. 

Standard, 73 
Weston, 74 
unknown, 78 

Ceric sulphate solution, applications of, 
284-297 

oxidations with, 280ff 
preparation of, 281 
stability of, 281 
standardization of, 282-284 
Cerium, determination of, indirect, 184 
with ferricyanide, 321 
with ferrocyanide, 332, 334 
with ferrous salt, 340, 341 
with iodide, 341 
with nitrite, 341 
Chloramine T, as oxidant, 317 
Chlorate, determination of, 374 
Chloride, determination of (see also 
Halides) 

indirect, with permanganate, 261 
with mercury, 178 
with silver, 145, 147 
accuracy of, 148, 149 
in blood, 150 

inflection potential of, 149 
in presence of bromide, 158 
in presence of salts, 145 
in zinc ore, 150 
micro method, 149 

Chromate, determination with acid, 240 
determination with silver, 169 
See Bichromate; see Chromium. 
Chromic-chromate potential, 274, 275 
Chromium, determination of, in steel, 
277 


Chromium, determination of, with 
arsenite, 348 
catalysis of, 349, 350 
in steel, 351 

with ceric sulphate, 286 
with chromous solution, 392 
in presence of iron and vanadium, 
393 

with ferricyanide, 319 
catalysis by thallic salts, 320 
with ferrous solution, 335 
in steel, 337, 338 
with stannous solution, 400 
in presence of molybdenum and 
vanadium, 400 

Chromous solution, pre-reduction by, 
382 

reduction potential of, 381 
standardization of, 381 
titrations with, 380ff 
Citric acid, determination of, 296; see 
Acid, citric 

Cobalt, determination of, as sulphide, 
187 

indirect, with cyanide, 167 
Collargol, silver in, 174 
Colloids, effect on halide determination, 
149 

Complex ions, dissociation constants of, 
38, Table VI, 455 
formation cur\’e, 39, 43 
of silver, 41 

Continuous-reading methods, 132ff 
Copper, determination of, as sulphide, 
187 

with bromate, 303 
with chromous solution, 381, 383 
in presence of iron, 383 
in presence of other metals, 
388 

in pyrites, 384 
with ferrocyanide, 331 
with thiocyanate, 190 
with thiosulphate (indirect), 313 
with titanous solution, 361 
in presence of iron and antimony, 
361, 362 
Cresols, 218 
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Cyanide, determination of, in mixtures 
of halides, 159-161 
applications of, 161-165 
with halogens, 310, 311 
with mercury, 182 
with silver, 159 

indirect applications: cobalt, 167; 
nickel, 165 

silver halides, 162, 163, 164 
zinc, 168 


D 


Dead-stop end-point, 122 
Dead-stop in iodometry, 314 

Delta F./delU c 7, 13 

and solubility product, 13, 14 
in neutralizations, 28, 32, 35 
in oxidation-reduction reactions, 47, 
55ff 

in precipitations, 13, 16 
maximum of, 94, 95 
Determination of: 

acids, see Acids; see Neutralization 
alkaloids, 180, 212, 218, 220, 241, 
244 

aluminum, 230, 241, 409 
amines, 408 
ammonia, 210, 213 
ammonium salts, 212, 243 
antimony, 186,278,284, 303,321,362, 
389 

arsenate, 168 

arsenic, 186,.286, 303, 311, 321 
arsenite, 168 

bases, see Neutralization; see Individ¬ 
ual bases, ammonia, etc. 
bichromate, 277, 377, 381, 396 
bismuth, 187, 364, 385 
bromate, 261, 347, 374 
bromide, 150, 178, 262 
cadmium, 184, 187, 328 
calcium, 184, 296 

cerium, 184, 321, 332, 334, 340, 
341 

chlorate, 374 
chloride, 147, 178, 261 


Determination of: 
chromate, 169, 240 
chromium, 277, 286, 335, 319, 348, 
392, 400 {see also Bichromate; 
Chromate) 
cobalt, 167, 187 

copper, 187, 190,303,313,331,361,383 

cyanide, 159, 182, 310 

dyestuffs, 379 

ferricyanide, 182, 371, 397 

ferrocyanide, 159,182,263,278,287,302 

ferrous iron, see Iron 

fluoride, 315 

formaldehyde, 175 

gallium, 331 

gold, 339, 345, 366, 387, 397 
halides, 145, 178 
halogens, 334 
hemoglobin, 323 
hydrazine, 212, 314 
hydrazoic acid, 245, 288 
hydrogen peroxide, 288, 406 
hydroquinone, 279, 295, 314 
hydrosulphite, 321 
hypobromite, 347 
hypochlorite, 343, 346, 407 
indigo, 271, 379 
indium, 331 
iodate, 261, 342, 373 
iodide, 151, 178, 179, 257, 278, 289, 
298, 304, 322, 347 
iodine, 313, 396 
iridium, 368 

iron, 265, 276, 283, 290, 301, 359, 382, 
396, 404 
lanthanum, 332 
lead, 66, 186, 184, 329 
magnesium, 211, 409 
manganese, 271, 403 
mercury, 198, 291, 363, 385, 399 
methylene blue, 271, 379 
molybdenum, 270, 374, 394, 400 
monopersulphuric acid, 406 
nickel, 165, 187 
niobium, 271 
nitrate, 378 

nitrite, 261, 263, 291, 378 
nitro compounds, 219, 305, 378 
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Determination of: 
organic acids, 282 
organic compounds (aromatic), 305 
osmium, 369, 402 
oxalate, 183, 263, 282 
periodic acid, 343 
permanganate, 266, 371, 400 
per salts, 378 

phosphate, 168, 184, 188, 244 
platinum metals, 368, 398 
pyrophosphate, 212, 244 
quinone, 405 
ruthenium, 369 
rhodium, 368 

selenium, 230, 343, 375, 406 
silver, 172, 186, 261, 328, 386 
sugars, 302, 316 
sulphate, 330 
sulphide, 169, 170, 184 
sulphite, 263, 299, 307, 312 
tellurium, 291, 338, 344, 377 
thallium, 198, 305, 367 
thiocyanate, 158, 181, 300, 312 
thioindigo, 271 

thiosulphate, 171, 188, 312, 313 
thorium, 332 

tin, 186, 271, 278, 316, 321, 389 
titanium, 271, 391 
uranium, 266, 292, 333, 362 
vanadium, 268, 293, 320, 335, 372, 
392, 400 

zinc, 168, 181, 265, 324 
Diazotation, 408 
Differential method, 112ff 
apparatus for, 114, 115, 117 
improved, 121 
simplified, 120, 121 
as precision method, 122 
in neutralizations, 230 
with glass electrodes, 249 
of B, Cavanagh, 124ff 
Displacement reactions, 211, 212 
Dissociation constants, of acids, Table 
IV, 449-450 

of bases. Table IV, 450-451 
of complexes. Table VI, 455 
of water. Table III, 449 (ion product) 
Drop burette, 92 


Dutoit electrode system, 1031f 
in neutralizations, 221 
Dyestuffs, 219 
acid in, 230 

reduction with titanous solution, 
379 


E 

E,,9 

Electrode, air, 215ff 
amalgam, 205, 206 
amalgamated gold, 84 
amalgamated silver, 149-150 
antimony, 235JT 
“ burette,” 84 

calomel, 4, 791T, Table I, 446 
capillary, 120 
copper, 189ff 
copper-copper, oxide, 244 
ferricyanide-fcrrocyanide, 318ff 
ferricyanide-lead ferrocyanide, 66, 
67 

glass, 247ff 
higher oxide, 222ff 
hydrogen, 200ff 
indicator, 9, 62-63 
polarized, 221 
iodine, 63, 69, 191 tf 
iodoso benzene, 233ff 
irreversibility of, 69 
mercury, 1761f 

as indicator for sulphide, 185 
mercury-mercuric oxide, 242ff 
metal, 234ff, 244ff 
normal, 4 
oxygen, 215ff 

platinum, for oxidation-reduction, 
105, 106, 254 
in neutralizations, 218 
in precipitations, 198 
quinhydrone, 225ff 
reference, 4 

for neutralizations, 205, 206 
retarded, 309 
silicon carbide, 108 
silver, 3, 4, 5, 63, 144ff 
tungsten, 106, 244fif 
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Electrode potential, 1 
change in, during complex formation, 
42ff 


during neutralizations, 28ff 
during oxidation-reduction, 47ff 
during precipitation, 12ff 
single, 71 

Electrode systems, bimetallic, 104ff 
of different area, 107, 108 
polarized 103ff, 11 Iff 
Electrolytic solution tension, 1 
Electrometer, capillary, 76-78 
quadrant, 76 

Electromotive force, measurement of, 
71ff 


of concentration cell, 4 
zero of, 5 

End-point maximum, 



13 


methods of determining, acoustic. 


118-119 


Cavanagh’s, 124ff 
differential system, 127ff 
reference, ion, 126 
refined methods, 131 
classical potentiometric, 7 Iff 
continuous-reading, 132ff 
differential, 112ff 
Dutoit, 103ff 

Foulk and Bawden (** deadstop ”), 
122ff 

Furman and Wilson, 106 
general, 94ff 

Willard and Fenwick, 111 
Equivalence-point, 7, 8, 9 
Equivalence-potential, E,., 8, 9, 10 
in oxidation-reduction reactions, 45 
practical determination of, 100, 101 
Exponent, hydrogen, hydroxyl, etc., see 
pH, pOH, etc. 


F 

Fats, acid number of, 220 
Ferric chloride, with sodium hydroxide, 
220 

Ferric salts, titration with, 315 
Ferricyanide, as oxidizing agent, 319ff 
determination of, with mercury, 182 


Ferricyanide, determination of, with 
titanous solution, 371 
in presence of bichromate, 372 
with stannous solution, 397 
Ferri-ferrocyanide electrode, 318 
Fcrrocyanide, as precipitant, 323 
determination of, with bichromate, 
278 

with bromate, 302 
with ceric sulphate, 287 
with mercury, 182 
with permanganate, 263, 264 
with silver, 159 

Ferrous sulphate, reduction with, 
335ff 

Fluoride, determination of, 315 
Formaldehyde, determination of, 175 
Foulk and Bawden system, 122 
Fruit juices, acidity of, 230 
hydrogen electrode study of, 213 
Furman and Wilson system, 106 

G 

Gallium, determination of, 331 
Galvanometers, 75 
portable, 75 
lamp and scale, 76 
Glass electrode, 247ff 
composition of glass for, 248, 249 
low resistance type, 250 
of Haber, 248 

of Macinnes and Dole, 249 
use in titrations, 25Qff 
Glycolic acid, determination of, 296 
Gold, determination of, with chromous 
solution, 387 

in presence of other metals, 
388 

with ferrous solution, 339 
with iodide, 345 
with stannous solution, 397 
in presence of platinum, 399 
with titanous solution, 366 
in presence of other substances^ 
367 

Grid current, 133, 140 
Grid voltage, 133, 140 
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H 

Half-cell, 4 

Halides, determination of, with mercuric 
solution, 195, 196 
with mercurous solution, 178 
with silver solution, 145 
in mixtures, 154, 157 
in mixtures with cyanide, 159, 
160, 161 

equivalence-potentials, 161 
Halogens, determination of, 334 
Helmholtz ceil, 124, 125 
Hemoglobin, determination of, 323 
Hydrazine, 212 

determination of, with iodine, 314 
Hydrazine sulphate, reduction with, 
402 

Hydrazoic acid, determination of, 245, 
288 

Hydrochloric acid, determination in 
presence of acetic, 212 
Hydrogen electrode, 5, 200ff 
applications of, 209ff 
industrial, 213ff 

disturbing factors in use of, 208, 209 
of Hildebrand, 203 
of Sand, 202 
platinizing of, 207 
zero of E.M.F. scale, 5 
Hydrogen generators, 208 
Hydrogen-ion concentration, see pK 
Hydroquinone, determination of, with 
bichromate, 279 
with ceric sulphate, 295 
with iodine, 314 

Hydrosulphite, determination of, 321 
Hydrous oxides, precipitation of, 213 
Hydroxyl ions; see Neutralization; see 

pon 

Hypobromite, oxidation with, 31 Iff 
preparation of, 311 
stability of, 311 

Hypochlorite, determination of, with 
arsenite, 346 
with iodide, 343 
with peroxide, 407 
with sulphite, 406 
oxidation with, 307 


Hypochlorite, technical preparation, 
307 

end-point of, 308, 309 
apparatus for, 310 

H 3 ^phosphorus acid, determination 
of, 407 

I 

Indicator electrode, see Electrode 
Indigo, 271, 379 
Indium, determination of, 331 
Inflection-potential, in halide determi¬ 
nations, 154 

lodate, determination of, with iodide, 
342 

with permanganate, 261 
with titanous solution, 373 
Iodide, determination of, with arsenic 
trioxide (indirect), 347 
with bichromate, 278 
with bromate, 304 
with ceric sulphate, 289 
with ferricyanide, 322 
with iodate, 298 

with mercuric solution, 179, 195 
accuracy of, 195 
in presence of bromide, 195 
with mercurous solution, 178 
with permanganate, 257 
in presence of bromide, 259 
chloride, 260 
cyanide, 260 

with silver solution, 151, 194 
in presence of chloride, 157 
in presence of bromide, 158 
precision of, 153 
reduction with, 342 

Iodine, determination of, with stannous 
solution, 296 
with thiosulphate, 313 
titration with, 313 
Iodine electrode, 19 Iff 
Iodine monochloride, as catalyst, 282, 
283, 284 

preparation of, 282 
Ion activity, 2, 201 
Ion concentration, 2 
Ion exponent, 2 
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Ionization constant of water, Table III, 
449 

Iridium, determination of, 368, 370 
Iron, determination of, with bichromate, 
276 

with bromate, 301 
in physiological liquids, 302 
with ceric sulphate, 283, 290 
with chromous solution, 382 
in presence of copper, 383, 384 
in pyrites, 384 
with permanganate, 265 
with stannous solution, 396 
with thiosulphate, 404 
with titanous chloride, 359 
catalysis by bismuth, 360 
effect of acid, 360 
in presence of copper, 361 

K 

Kelley titration method, 335 
L 

Lanthanum, determination as ferrocya- 
nide, 332 

Lead, determination of, as sulphide, 186 
with ferrocyanide, 329 

in presence of cadmium, 330 
in presence of silver, 330 
in presence of zinc, 330 
with oxalate (indirect), 184 
Lead peroxide, determination of, 289 
Lead peroxide electrode, 225 
Logarithms and antilogarithms, 458 
M 

Magnesium, determination as hydroxide, 
211, 241 

in presence of calcium, 244 
determination with fluoride, 409 
Malic acid, oxidation of, 296 
Malonic acid, oxidation of, 296 
Manganese, determination of, in fluo¬ 
ride solution, 272 
Volhard method, 271 
with mercurous nitrate, 403 
in steel, 403 

Manganese sulphide, 187 
Mercuric chloride, 178 


Mercuric nitrate, 177 
Mercuric perchlorate, 177 
Mercuric salts, 188 
Mercurous nitrate, 177 
in determination of manganese, 403 
preparation of solution of, 404 
Mercurous perchlorate, 177 
Mercurous salts, 188 
Mercury, determination of, with ceric 
sulphate, 291 

with chromous solution, 385 
in presence of other metals, 386, 
388 

with iodide, 198 
with stannous solution, 399 
with titanous solution, 363 
in presence of other metals, 364 
Mercury electrode, 176ff 
Mcrcury-mercuric oxide electrode, 242ff 
Metal electrodes, 234ff 
Metals, precipitation as hydroxides, 213 
Methylene, blue, 271, 379 
Millivoltmeter, 89 
Molybdate, titration with acid, 240 
Molybdenum, determination of, with 
chromous solution, 394 
in presence of iron, 395 
with permanganate, 270 
with stannous solution, 400 
in presence of vanadium and 
chromium, 400, 401 
with titanous solution, 374 
in phosphomolybdate, 395 
Monopersulphuric acid, 406 
Muller system, 98 
advantages of, 99 

N 

Naphtholsulphonic acids, bromination 
of, 306 

Neutralization, curves, 29, 32, 33, 34, 38 
in presence of oxidizing agents, 241 
of acid mixtures, 46ff 
of polybasic acids 36ff 
of weak acids, 30, 31, 32 
in dilute solution, 230 
with weak base, 34ff 
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Neutralization, principles of, 28ff 
using bimetallic electrodes, 222, 246, 
247 

using hydrogen electrode, 200ff 
using various electrodes, see table of 
contents, Chap. VIII 
Nickel, cyanide method, 165 
Nickel sulphide, 187 
Niobium, determination, 271 
Nitrate, 378 

Nitrite, determination of, with ceric sul¬ 
phate, 291 

with permanganate, direct, 263; 
indirect, 261 

with titanous solution, 378 
Nitrobenzene, 379 
Nitro compounds, 219, 378 
Nitrophenols, 219, 305, 379 
Noble metals, with stannous solution, 
397 

N.C.E, (normal calomel electrode), 
258 

Normal electrode, 4 
potentials, table of, 446-448 
Normal element (standard cell), 73 
Null-point instrument, 75 
electrometer, Compton, 250 
microammeter as, 97 
millivoltmeter as, 97 
vacuum tube (thermionic), 137ff, 139- 
143 

O 

Oils, acidity of, 231 

Organic acids, oxidation with ceric sul¬ 
phate, 295, 296, 297 
Organic nitro compounds, 378 
Osmium, determination with hydrazine, 
402 

determination with titanous solution, 
369 

Oxalate, determination of, with ceric 
sulphate, 282 
with mercurous salt, 183 
with permanganate, 263 
Oxidants, determination in mixtures, 
53 


Oxidation-reduction, curves, 50, 54 
exponent, 6 
reactions, 6, 253fF 
equivalence-potential of, 45ff 
irreversibility of, 69, 70 
systems, 226 
Oxide electrodes, 222ff 
normal potentials of, 224 
Oxides of metals, precipitation of hy¬ 
drated, 213 

P 

Palladium, 368 

Paper, acid or alkali in, 232 

Periodic acid, 343 

Permanganate, determination of, with 
ferrous solution, 266 
with stannous solution, 400 
with titanous solution, 371 
Per salts, 378 

Petroleum oils, acidity of, 231 
PHy 28 

Phenols, 218, 219, 305 
Phosphate, determination of, with acid, 
244 

with mercurous salt, 184 
with silver solution, 168 
with uranyl solution, 188, 189 
Photographic emulsions, silver halide in, 
164 

Pn^Oi 28 

pi, 2 

Pinkhof-Treadwell system, 96ff 
application in permanganate titra¬ 
tions, 25611 
criticism of, 97 

Platinum, determination of, 368 
electrode, sec Electrode 
metals, determination of, with stan¬ 
nous solution, 398 
in presence of gold, 399 
determination with titanous solu¬ 
tion, 368 

Potassium, determination with calcium 
ferrocyanide, 333 

Potassium bichromate, oxidations witli, 
274ff 
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Potassium bromate, oxidation with, 
301ff 

Potassium ferrocyanide, precipitations 
with, 323flf 

reductions with, 333flF 
Potassium iodate, oxidation with, 298ff 
Potassium mercuric iodide reagent, 180 
Potassium permanganate, oxidation- 
reduction potential relations, 
254, 255 

effect of acid on, 255 
titrations with, 254ff 
Potential break, 13 
in oxidation-reduction reactions, 48,49 
Potential electrode, see Electrode, po¬ 
tential 

equivalence, 9, 10 

inflection, in halide determinations, 
154 

liquid junction, 3 
measurement of, 90-91 
normal. Table II, 446-448 
oxidation-reduction, 6 
Potentiometer, principle of, 72, 86-88 
Sand and Law arrangement, 89 
students’ type, 86, 87 
system, 84ff 

Potentiometric Titrations, see Titrations 


Precipitation, change of ion concentra¬ 
tion during, 1 Iff 

of one ion in presence of another, 24 
Pre-reduction, 382 
Pressure, osmotic, 1 

Protaigol, determination of silver in, 174 
pS, 9, 10 
PW, 28 

Pyrophosphate, determination with acid, 
212, 244 

Q 

Quinhydrone electrode, 225ff 
pH measurement with, 201, 226, 227 
formulas for, 227 
limitations of, 229 
theory of, 226, 227 
use in titrations, 229 


Quinhydrone, preparation of, 228 
Quinone, determination with thiosul¬ 
phate, 405 

Quino-quinhydrone, electrode, 232 
R 

Radio tubes, 132ff; see Vacuum tubes 
Reactions, see Neutralizations, Oxida¬ 
tion-reduction reactions, etc. 
Reactions, partial, irreversibility of, 65 
irreversibility of electrode towards, 
69 

side, 61 

Redox, exponent, 6 
potential, 6 
system, 6 

Reductants, anal 3 rsis of mixtures of, 
53 ‘ 

Reduction, see Oxidation-reduction 
Reference electrode, 4 
for neutralizations, 205, 206 
Reference ion, 125, 126 
Resorcinol, 305 
Retarded electrode 309 
Rheostat, 85 
Rhodium, 368 

R-salt, 305; in presence of G-salt and 
crocein salt, 306 

Ruthenium, determination of, 368, 369 
S 

Salts, solubility products. Table V, 452- 
454 

titration with alkali, 213 
Schaeffer salt, 306; see also R-salt 
Selenious acid, determination of, with 
alkali, 230 
with iodide, 343 
with thiosulphate, 406 
with titanous solution, 375 
Silver, determination of, as chloride, 
172 

effect of colloids, 173 
theory of, 12, 13 

use of various electrodes in, 173 
as ferrocyanide, 328 
as sulphide, 186 
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Silver, determination of, in colloidal 
preparations, 174, 175 
in presence of cadmium, 329 
in presence of lead, 330 
in presence of zinc, 328 
with chromous solution, 386 
in presence of other metals 387, 
388 

with cyanide, 42 

with permanganate (indirect), 261 
Silver bromide, determination of, 162 
Silver cyanide, 41, 42 
Silver electrode, 3, 4, 5 
as chloride-ion electrode, 5 
Silver halides, adsorption, 147 
complex formation, 146 
Silver iodide, 162; in photographic 
emulsions, 164 

Sodium fluoride, titration with, 409 
Sodium nitrite, titration with, 408 
Sodium sulphide, 185; determination of 
metals with, 186 

Sodium sulphite, reduction with, 406 
Sodium thiosulphate, as reducing agent, 
404 

Solvents, non-aqueous, titrations in, 214 
Solubility exponent, ^S, 9 
Solubility product, 9; Table V, 452-454 
and ion concentration, 14 

. . * . AE 

and maximum m —, 14 
Ac’ 

Stannous salts, reduction with, 396ff 
Steel, determination of chromium in, 
277, 337 

determination of manganese in, 403 
determination of vanadium in, 269, 
270, 294, 295, 336, 337 
Sugars, determination with bromate 
(indirect), 302 

determination with cupric salt, 316 
Sulphanitic acid, 305 
Sulphate, deterxmnation with lead, 
direct, 331; indirect, 330 
Sulphide, determination with mercunc 
chloride, 184 

determination with silver, 169, 170 
determination with sodium nitroprus- 
side, 170 


Sulphite, determination with hypobro- 
mite, 312 

determination with hypochlorite, 312 
determination with iodate, 299 
determination with permanganate, 263 

T 

Tellurium, determination of, with bi¬ 
chromate (indirect), 338 
with ceric sulphate, 291 
with iodide, 344 
in presence of gold, 344 
with titanous solution, 377 

Thallium, determination with bromate, 
305 

determination with mercury, 198 
determination with stannous solution, 
367 

Thermionic vacuum tubes, see Vacuum 
tubes 

Thiocyanate, determination with hypo- 
bromite, 312 

determination with iodate, 300 
determination with mercury, 181 
determination with silver, 158 

Thioindigo, 271 

Thiosulphate, determination with hypo- 
bromite, 312 

determination with iodine, 313 
determination with mercury, 188 
determination with silver, 171 

Thorium ferrocyanide, 332 

Tin, determination as sulphide, 186 
determination with bichromate, 278 
determination with chromous solu¬ 
tion, 389 

in presence of antimony, 390 
bismuth, 391 
copper, 390 
iron, 391 

determination with ferric salt, 316 
determination with ferricyanide, 321 
determination with permanganate, 
271 

Titanium, determination with chromous 
solution, 391 

determination with permanganate, 
271 
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Titanous solutions, preparation of, 355 
apparatus for, 357, 358 
general consideration, 353 
reduction with, 353ff 
stability of, 

standardization of, 358 
Titration cell, of Kolthoff, 203; of Men- 
zel and Kruger, 204 
Titration error, 18ff, 25, 26 
Titrations, conductometric, vii 
potentiometric, vii, 
detection of end -point, ^reEnd-point 
general considerations, 61 
general remarks on, 90£f 
of acids, 28ff 
mixtures of, 36 
of bases, 28ff 

of complex-forming ions, 38 
of oxidizing and reducing agen ts, 47 ff 
of various substances, see under 
individual substances 
special considerations, 62ff 
theory of, 6ff 
Toluidine, 305 
Treadwell system, 98 
Tungstate, with acid, 240 
Tungsten electrode, as pH. indicator, 244, 
245; see Bimetallic electrode 
systems 

U 

Uranium, determination with ceric sul¬ 
phate, 292, 293 

determination with ferrocyanide, 333 
determination with permanganate, 
2660 

in presence of iron, 268 
in presence of vanadium, 269 
Uranous sulphate as reagent, 407 

V 

Vacuum tubes (thermionic), 132ff 
as null-point instruments, 137 
characteristics of, 133 
in high resistance circuits, 139-143 
Vanadium, determination of, with ceric 
sulphate, 293 

in presence of iron and chromium, 
293, 294 


Vanadium, determination of, in steels, 
294, 295 

determination with chromous solu¬ 
tion, 392 

in presence of chromiumandiron, 393 
determination with ferricyanide, 320 
determination with ferrous solution, 
335 

in steels, 336, 337, 351 
determination with permanganate, 268 
in presence of chromium and iron, 
270 

in presence of uranium and iron, 269 
determination with stannous solution, 
400 

in presence of chromium, 400 
molybdenum, 401 

determination with titanous solution, 
372 

inpresenceof iron and chromium, 373 
Varnish, 218 

W 

Water, ion product of, 28, Table III, 
p. 449 

testing of, 213, 220 
Weights, atomic, Table VII, 456 

X 

Xylidene, diazotation of, 408 
Z 

Zinc, determination as ferrocyanide, 324 
accuracy of, 325 

effect of alkali metal of precipitant, 
326 

effect of salts on, 325 
effect of temperature, 324 
in presence of cadmium, 329 
iron, 326 
lead, 330 
silver, 328 

determination as sulphide, 187 
determination with cyanide (indirect), 
168 

determination with permanganate 
(indirect), 265 

determination with thiocyanate, 181 
Zincore, determination of chloride in, 510 






